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PREFACE 


This monograph on the kinetics of homogeneous gas reactions is 
a critical, though not exhaustive, survey of the experimental results 
and a discussion of their significance. It is hoped that many 
chemists will find it useful, but it has been written with two classes 
of reader particularly in mind : the undergraduate, who having 
followed a first course in kinetics, such as is contained in the larger 
texts on physical chemistry, seeks a general account of gas kinetics ; 
and the graduate, just beginning research, who seeks a key to the 
literature. It has been assumed that the reader is well-grounded 

in physical chemistry and has some knowledge of statistical 
mechanics. 


Investigations in chemical kinetics are undertaken for many 
reasons, among others, to discover the mechanism of a reaction, to 
find the best conditions for a synthesis or to determine bond dis¬ 
sociation energies. This book, however, is not primarily concerned 
with any of these topics, rather the investigations that are discussed 
have been selected because they throw light on the fundamental 
question of why elementary reactions occur at the rate they do. 
In solution, in the solid state and at interfaces many disturbing 
phenomena occur, which prevent us from observing pure kinetic 
behaviour. It is reasonable to expect that the factors which deter¬ 
mine the rates of reactions will eventually be discovered by the 
study of gases. 


The gas reactions which involve oxygen receive little mention in 
this book. Although combustions and oxidations have been ex¬ 
haustively investigated there is as yet no general agreement upon 
their mechanisms and little progress has been made towards the 
determination of the rate constants of the elementary reactions. 
It has been necessary to draw heavily upon the common stock of 
knowledge of elementary reactions in order to decide upon the 
plausibility of the various oxidation schemes. No new principles 
have been contributed in return. Moreover, many of the oxidation 
reactions are excluded because they are heterogeneous. 

The writer’s approach to chemical kinetics is that of the experi¬ 
mentalist who seeks to discover, among the mass of results, certain 
significant quantitative generalizations, and to understand them in 
the light of existing theory. It has seemed more important, there¬ 
fore, to reject misleading information than to include every valuable 
fact, even if that were possible. In general, reactions have been 


Vll 



PREFACE 


discussed whose mechanisms seem to be well established although 
they may not have been studied very accurately. 

The writer has tried to survey all the literature that was available 
to him up to July 1954 ; some later references have been included. 
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INTRODUCTION 

1.1 General Survey 

Hundreds of thousands of chemical reactions are known ; the rates 
of thousands of these reactions have been measured ; but hitherto 
comparatively few reactions have been studied which provide 
definite and useful information pertinent to the main task of chemical 
kinetics which is to discover the factors that determine the rates of 
chemical reactions and to find out how they act. One reason for 
this state of affairs is that many of the kinetic studies were planned 
with the object of finding the best conditions for the preparation of 
some compound or in order to determine the stability of a compound 
under various conditions. Furthermore, many of the investigations 
that were originally planned to discover what made one chemical 
reaction proceed faster than another are now considered to be of 
doubtful value, because the systems which were studied were pro¬ 
hibitively complex. Thus most of the information that was accumu¬ 
lated on the pyrolysis of organic compounds before the existence of 
free-radical chains was realized is now of little value although its 
historical importance is very great. We must focus our attention on 
the simplest types of chemical reaction if we hope to understand why 
they take place at the speed they do. The simplest type of chemical 
reaction is called an elementary reaction and the simplest elementary 
reactions are those which occur in the gas phase because they are not 
complicated by solvation and adsorption effects in the same way as 
are reactions in solutions and on surfaces. It is with elementary, 
homogeneous, gas-phase reactions that this book is concerned. 

By analogy with the definition of a chemical element, an ele¬ 
mentary reaction is defined as a reaction which cannot be resolved 
into a series of simpler chemical reactions, though an elementary 
reaction may be analytically described in terms of the movement 
of electrons and atomic nuclei. Similarly, an element may be 
resolved into these particles and its behaviour described in terms of 
them. All observed chemical changes take place by one or more 
elementary reactions. If only one is involved, as we believe to be 
the case in the decomposition of f-butyl chloride, 

(CH 3 ) 3 CC1 = (CH 3 ) 2 C:CH 2 + HC1, 

1 
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then the over-all change is itself an elementary reaction which may 
be followed directly. Most gas reactions are more complicated 
than this and we believe that they involve series of elementary 
reactions. Thus we believe that the decomposition of nitrogen 
pentoxide does not occur in one bimolecular step, say, 

2N 2 O s = 4N0 2 + 0 2 > 

t « 

but rather by a sequence of three elementary reactions, 

n 2 o 5 = no 3 + no 2 

NO 3 + N0 2 = N0 2 + NO + 0 2 
NO + N0 3 = 2N0 2 . 


In the previous paragraph the words ‘ we believe ’ were used 
advisedly in connection with each of the processes mentioned ; we 
may now inquire into the basis of this belief. The first purpose of 
any fundamental kinetic study is to establish a reaction mechanism, 
that is, to set up a series of elementary reactions in terms of which 
all the observed facts may be described. This is done by the 
familiar procedure, that will be referred to frequently in later 
chapters, of studying the variations of rate induced by altering the 
concentrations of the reactants, by shining light on the system, by 
tracing the movement of isotopically labelled atoms, by observing 
the effect of additives such as nitric oxide and toluene, which react 
rapidly with most free radicals, and by similar devices. Then the 
simplest reaction scheme which will fit all the known facts is selected. 
If it is possible to make verifiable predictions on the basis of this 
scheme, then greater reliance may be placed upon it ; but it can 
never be regarded as proven in the same way as a mathematical 
deduction may be proven. The possibility that the discovery of 
new facts may force us to adopt a more elaborate scheme cannot be 
ruled out. So when we speak of an elementary reaction occurring 
we should always mentally add the proviso ‘ if the mechanism in 
which it has been postulated is correct \ The degree of certainty 
with which it is possible to know an elementary reaction cannot 
be greater than the certainty with which the relevant mechanism 
has been established. This may seem obvious, but there are many 
examples in the literature of the errors which can arise through the 
neglect of this maxim. 


It is only in recent years that the present emphasis has been 
placed on the importance of elementary reactions in the study of 
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gas kinetics. When the subject was in the early stages of its develop¬ 
ment, it seemed most valuable to survey the whole field as rapidly 
as possible so that the guiding principles might be discovered. This 
approach, which was remarkably successful, was well suited to the 
equipment that was available at the time. Many reactions were 
followed only by observation of the pressure change in the system, 
recorded on an ordinary manometer ; generally no attempt was 
made to show that the variation in pressure corresponded to the 
progress of a well-defined chemical change. The development of this 
emphasis on elementary reactions is inextricably bound up with the 
development of modern micro-analytical techniques. It is incon¬ 
venient to work with reaction vessels of much more than one litre 
capacity or with gas at much above one atmosphere pressure. As 
a result, the total volume of gas involved in a single static experi¬ 
ment is rarely more than 1 /50 mole and is often less than 1 /5000 
mole. Furthermore, there are great advantages in carrying re¬ 
actions to only two or three per cent of completion, for then the 
concentration of the reactants will only alter slightly and the side 
reactions of products are eliminated. Consequently the total pro¬ 
ducts of a gas reaction are often of the order of 1 /20000 mole or less. 
Nowadays these small quantities of gases can often be accurately 
analysed with the use of devices such as low-temperature distil¬ 
lation apparatus 1- 3, equipment for wet-analyses with capillary 
burettes 4 . or the analytical mass-spectrometer. Even such small 
things as the increasing availability of liquid nitrogen, rather than 
liquid air, have greatly simplified such important analyses as that 
for methane in the presence of ethane. Recently large quantities of 
products (say 1 /50 mole) have been obtained in flow experiments, 
thus considerably reducing the analytical difficulties ; this develop¬ 
ment is only possible now that reliable multi-stage diffusion pumps 
are readily available. 

Before proceeding to describe the results which are the fruits of 
the application of these modern methods, it will be convenient to 
describe the notation used in this book and to consider briefly 
the relation between kinetics and thermodynamics. 


1.2 The Notation of Chemical Kinetics 

The rate of a chemical reaction is expressed in terms of the amount 
of reactants consumed or the amount of products formed in a given 
time. Thus the rate of the reaction, 

A B 
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may be written — d[A]/dt or + d[B]/d£, where [A] and [B] are 
the concentrations of A and B ; this convention will be used 
throughout the book. There is no general agreement as to which 
of these two forms should be used. This may sometimes lead to 
confusion, as may be seen by considering the reaction, 

2A -> B. 


Its rate may again be defined as — d[A]/d t or + d[B] /dt, but 
the first definition leads to a rate constant which is numerically 
double that derived from the second. It has been suggested 6 that 
this difficulty might be circumvented if the rate of a reaction were 
expressed in terms of the rate of formation of the intermediate 
complex. But this definition may equally well lead to confusion if 
the mechanism that is first proposed subsequently proves to be 
unsatisfactory, which often happens even when the original experi¬ 
mental observations were accurate. Furthermore this procedure 
supposes a more complete knowledge of the reaction than is fre¬ 
quently available. Very often, as the result of kinetic studies, the 
rate of formation of a product may be found to depend simply on 
the concentrations of the reactants in the system. Then it is 
perfectly correct to express the observations in terms of a rate 
constant, although the mechanism of the reaction may be unknown. 
These difficulties can be overcome if the ‘ rate of reaction ’ is 
always carefully defined ; then the definition most suitable for the 
purpose in hand may be adopted. 

It is found in practice that the rate of many reactions of the type, 

A + B -» C + D 


may be accurately represented by equations of the type, 



d[C] = dJTD] 

dt dt 



or using an equivalent notation, 

-R a = -R b =R c = R d== *[ A ], 

where R x is the rate of formation of the substance X. When, as 
in this example, the rate of a reaction is proportional to the concen¬ 
tration of one of the reactants, it is described as being of the first 
order and k is defined as the first-order rate constant. Similarly, a 
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reaction of the same type, the rate of which can be accurately 
represented by the equation 



-d[B] = d[C] = d[D] 
dt dt dt 


= *[A] [B], 


is described as being of the second order and k is the second-order 
rate constant. Third-order reactions and third-order rate con¬ 
stants are defined in a parallel manner. In general, the order of 
a reaction is equal to the sum of the powers to which the concentra¬ 
tions of the reactants are raised in the rate equation. It should be 
noted that a reaction may be of a non-integral order, and also that 
many reactions are of no simple order. 

In this book, all the rate constants are expressed in the units 
most frequently employed by workers in gas kinetics, namely 
moles, cubic centimetres and seconds. The units in which a first- 
order rate constant is expressed are sec -1 , a second-order rate 
constant is expressed in mole -1 c.c. sec -1 and a third-order rate 
constant in mole -2 c.c. 2 sec -1 . 

A discussion of the way in which rate constants are derived from 
a series of experimental observations is not given here. It is 
omitted partly to save space and because the subject is only inci¬ 
dental to the main purpose of this book, and partly because all the 
simpler cases are treated in elementary texts on physical chemistry. 
Comprehensive discussions of the algebra of chemical kinetics may 
be found in two recent works, Kinetics and Mechanism by Frost and 
Pearson and a compilation entitled The Investigation of Rates and 
Mechanisms of Reactions , edited by Friess and Weissberger. 

Simple reactions, leading to products the nature of which does 
not depend upon the concentrations of the reactants, can be 
classified in three ways : ( a ) according to the number of molecules 
in the stoichiometric equation ; ( b ) according to the order of the 
reaction ; (c) according to the number of molecules participating 
in the rate-determining process. 

The first method of classification is of little use in chemical kinetics, 
though it is of importance in thermodynamics in connection with 
the classification of equilibrium constants. The second method, as 
we have already seen, is very convenient for describing experimental 
results ; but it must be realized that the order of a reaction merely 
describes the mathematical form in which the experimental results 
are most suitably cast. On the other hand, the statement of the 
number of molecules participating in the rate-determining process, 
that is the molecularity of this step, describes the mechanism of the 
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reaction. Consequently the molecularity of a reaction can only be 
known after its mechanism has been elucidated. If a reaction only 
involves one molecule it is termed unimolecular, if two, bimolecular 
and if three, termolecular ; reactions of higher molecularity are 
not known to occur in the gas phase. It can be seen, from what has 
already been said, that this third method of classification can only 
be applied to elementary reactions ; conversely whenever a reaction 
is mentioned as being of a certain molecularity it is implied that 
the leaction is elementary. This point has been stressed because 
the usage has only recently been widely accepted ; in the past, the 
terms order ’ and ‘ molecularity ’ have been used in different 
senses and, on occasion, indifferently as though they were synonyms. 

However, the order and molecularity of an elementary reaction 
are necessarily identical. 

The effect of temperature on the rates of chemical reactions has 
been more fully studied than that of any other variable, apart 
from the concentrations of the reactants. The first relation which 
represented the effect of temperature to a reasonable degree of 

approximation was that proposed by Arrhenius. The Arrhenius 
equation may be written 


d In k E 
d T = RT2 ’ 

or in lhe integrated form 

k = A exp ( —E/RT ), 

where E is the activation energy and is expressed in the same units 
as RT ; hence E\RT is dimensionless. The parameter A which 
had the same dimensions as the rate constant k is best simply known 
as the A factor of the reaction. From time to time it has been 
su &g es t e d that A should be called the 4 frequency factor \ Now A 
for a first-order reaction has the dimensions of a frequency and when 
applied to these reactions the term ‘ frequency factor ’ is appropriate. 
But it would be unsuitable if applied to the A for a second-order re¬ 
action, which has the dimensions : concentration - 1 sec - h Accord- 
ingly, although it is neither euphonious nor evocative the term A 
factor will be used throughout this book because of the convenience 
of having a general term which may be used irrespective of the 
order of the reaction. All experimental findings which lend them¬ 
selves to such treatment will be expressed in terms of the parameters 
of the Arrhenius equation, A and E. They will be referred to 
collectively as the rate factors of the reactions. The Arrhenius form 
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has been adopted because it is one in which directly determined 
experimental results can readily be cast ; moreover, no confusion 
is possible over the exact definition of the quantities. The quoted 
values of the activation energies are those that can be found by 
plotting conventionally the logarithms of the rate constants against 
the reciprocals of the absolute temperatures, making due allowance 
for the relative accuracies of the determined rate constants. When 
error limits are quoted they are those which can be derived from a 
statistical treatment of the experimental results assuming that the 
temperatures are measured very accurately. No allowance is made 
for possible inadequacies in our knowledge of the mechanisms of 
the systems in which the reactions occur. The energies quoted 
here are in kcal /mole, but for convenience and brevity they are 
simply given in kcal throughout the book. No confusion is likely 
to arise as to the number of molecules to which the energy applies ; 
this convention is generally followed in speech. 

As will be seen in the next chapter, there are theoretical reasons 
for supposing that the temperature dependence of rate constants 
should be described by equations which are more elaborate than 
the Arrhenius equation. Many authors have used the form 

k = BTV2 exp (— H/RT) 

which is derived from the collision theory of the kinetics of bimole- 
cular reactions. If the same experimental results are expressed in 
this form and in that of the Arrhenius equation, then, as the reader 
can readily verify for himself, the constants are related by the 
equations, 

£ = //+l/27?T and A = 1 • 649 BTU2 

where T is the absolute temperature at the mid-point of the experi¬ 
mental range. 

Other equations, which conform to the experimental results 
equally well, can be found. During the years around 1930 much 
time was spent by some workers in kinetics trying various elaborate 
forms in which terms such as 76 or T 8 appeared. They sought 
support for these expressions by showing that they fitted the most 
accurate experimental work then available more closely than the 
simpler and more usual expressions. In retrospect, it seems that 
the experimental results were not sufficiently accurate to sustain 
such rigorous tests. Indeed, even today, there are no results on 
either unimolecular or bimolecular gas reactions which cannot be 
adequately represented by the Arrhenius equation, if due allowance 
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is made for experimental errors. Nevertheless it can be seen that 
the true expression for the temperature dependence of a rate con¬ 
stant must be complex for the following reason: a simple system 

in chemical equilibrium, such as 1, may be regarded as one in 
which two opposing 
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reactions are balanced and the equilibrium constant K x = [B] /[A] 
is equal to k x jk_ x , where k x is the rate constant of the forward 
and k_ x that of the back reaction ; this notation will also be used 
throughout the book. Now it is well known that the integrated 
van t Hoff isochore does not express the temperature dependence of 
an equilibrium constant, but that the true expression is complex. 
Hence the true expression for the temperature dependence of the 
rate constant of either the forward reaction or the back reaction or 
both must necessarily be complex. During the last twenty years 
comparatively little attention has been paid to this aspect of gas 
kinetics or to the very precise measurement of the temperature 
coefficients of gas reactions. Indeed, few modern investigations are 
as accurate as the classic experiments of Bodenstein. The tendency 
has been to investigate very large numbers of reactions with only a 
model ate degree of accuracy. The principal experimental efforts 
have been directed towards the study of the very rapid reactions 
involving free radicals which are relatively difficult to follow. Not 
unnaturally there has often been some sacrifice of accuracy, though 
frequently the systems have been such that more precise measure¬ 
ments would not lead to much more valuable results, because of 
the approximations which must be made in interpreting the mech¬ 
anisms. However, it may well be that the precise study of the 
temperature coefficients of selected reactions would yield the key 
to the better understanding of the factors which determine the rates 
of reactions, particularly the factors concerned with the distribution 
of energy within the molecules. 


1.3 Chemical Kinetics and Thermodynamics 

The ultimate aim of workers in kinetics is to predict the rates of 
reactions from a consideration of the nuclei and electrons present 
in chemical systems ; but there is no prospect that this goal will 
be achieved in the near future. Until the time when this direct 
approach becomes possible, it seems most profitable to seek to 
understand the rates of reactions in terms of the properties of the 
molecules involved, as they may be measured in non-reacting 
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systems. In particular, it is of interest to see what use can be made 
of our knowledge of the thermodynamic properties of molecules, 
which is far more advanced than our knowledge of kinetics. To 
this end we shall survey briefly the connection between kinetics 
and thermodynamics, and the thermodynamic information which is 
likely to have the most direct application to kinetics. 

Free Energy 

In an isolated system to which radiation is not admitted, a chemical 
reaction will only take place if it results in a decrease in the free 
energy of the system, which depends only upon the nature of the 
constituents, their concentrations, and the temperature. It is 
possible to determine from sufficiently complete thermodynamic 
information on the individual constituents whether or not a postu¬ 
lated chemical change in a system results in a decrease in free energy. 
Further, in principle, the condition of any chemical system at the 
end of an infinite period of time may be predicted. But one cannot 
tell from thermodynamics how long the system will take to arrive 
at equilibrium. For instance, a stoichiometric mixture of hydrogen 
and oxygen may be kept almost indefinitely at room temperature 
but a mixture of hydrogen and fluorine explodes under the same 
conditions, although the decreases in free energy accompanying 
the formation of water and of hydrogen fluoride from the elements 
are both very large. Furthermore it is not possible to predict the 
reaction mechanisms by which the systems finally attain equili¬ 
brium. These two problems are closely related, for if it were pos¬ 
sible to predict the rates of all conceivable elementary reactions, 
the mechanism, by which any change would occur, could be 
discovered. 

Heat Content 

The heat of reaction is probably the most important thermodynamic 
quantity from the point of view of the worker in kinetics. The heat 
of the elementary reaction 

A -f B -f .... = M T N -\- . . . A Hi .... (1) 

is related to the activation energies of the forward ( E j) and back 
(£_l) reactions by the expression 

E x - E_ x = A H u 

provided that the number of product molecules is equal to the 
number of reactant molecules. If there is a change in the number 
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of molecules a correction, which is usually small, must be made 
because the heat of a reaction is conventionally measured at constant 
pressuie, whereas kinetic studies are made in reaction systems of 
constant volume. As we shall see later, only special classes of 
reactions observed under special conditions can have negative 
energies of activation, so for practical purposes reactions which 
require that E\ < A H\ may be excluded from reaction schemes. 
This criterion is sometimes of value wTien a decision has to be made 
between two or more possible mechanisms for an over-all reaction. 
The same simple expression may also be used to derive when 
it cannot be measured directly, from a knowledge of E x and A H x . 
Our knowledge of the activation energies of elementary reactions 
has been greatly augmented in this way. 

It was once thought that some simple relations might connect 
heats of reaction with reaction rates and equilibrium constants. 
This conjecture was probably a considerable stimulus to the early 
accumulation of measurements of heats of reaction, but later it 
was realized that the free energy change rather than the heat of a 
reaction determined its equilibrium constant. Since they appeared 
to have little fundamental significance few heats of reaction were 
measured between about 1895, when Thomsen and Berthellot 
finished their classic work, and the twenties, when the present 
activity stimulated by the requirements of the petroleum industry 
began. In the interim experimental methods improved greatly 
with the result that the thermochemical information now to be 
found in the literature is of two different standards of accuracy ; 
this point should not be forgotten when making calculations. 
Interest has also revived in the connection between heats of re¬ 
actions and their rates ; in section 4.4 we shall discuss how far it 
seems reasonable in the light of modern work to suppose that some 
simple relation exists between activation energy and heat of reaction 
for a series of very similar reactions. 

It is not usually possible to measure directly the heats of those 
reactions which are important in kinetic studies, because for satis¬ 
factory calorimetric measurements a reaction must be rapid at 
room temperature, whereas for convenient kinetic measurements 
it must be slow. Consequently heats of reaction are usually derived 
from the heats of formation of the compounds involved. The heat 

of reaction 1 at 25° C between the substances in their standard 
states is given by the equation 

A Hi = A Hf° M + A Hf\ - A Hf\ - A Hf° B ., 

where A Hf x is the heat of formation of the substance X. The 
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heat of formation of a substance is that heat which is absorbed 
when one mole of the substance in its standard state is synthesized 
from its elements in their standard states. The standard state for 
a solid or liquid at 25° C is taken as the pure substance in its 
thermodynamically stable modification at a pressure of one atmo¬ 
sphere. The standard state for a gas is taken as the hypothetical 
reference state of unit fugacity (approximately one atmosphere). 
This precise definition supposes a knowledge of the deviation of the 
behaviour of the gas from the perfect gas laws ; however the 
neglect of this deviation does not introduce an error which need 
concern us here, for it is small in comparison with the errors in the 
determination of activation energies. 

Strictly, experimental activation energies should only be com¬ 
pared with heats of reaction for the temperature covered by the 
experiments. Frequently the information which is needed to con¬ 
vert heats of reaction at 25° C to heats at some other temperature 
is not available. However if the heat of reaction at 25° G is used, 
the comparisons are not likely to be misleading. Reactants and 
products are usually similar molecules, consequently the corrections 
which should be applied to their heats of formation to allow for the 
difference in their internal specific heats are nearly equal and ap¬ 
proximately cancel out. If the number of molecules of reactants is 
different from the number of molecules of products, a simple allow¬ 
ance should be made for the different translational specific heats. 

The heats of formation of many hydrocarbons, including those 
of almost all the simpler ones, may be found in Circular 461 of the 
National Bureau of Standards, Selected Values of the Properties of 
Hydrocarbons , 1946*. All the heats of formation, which have been 
determined, of inorganic compounds or of organic compounds 
containing less than three carbon atoms may be found in Circular 
500 Selected Values of Chemical Thermodynamic Properties , 1952. The 
heats of formation of some compounds which are of particular 
interest in gas kinetics are not included in either of these works. 
Table 1.1 contains a short list of the heats of formation of such 
compounds which were either not mentioned or which have been 
recently re-investigated. 


Bond Dissociation Energies and the Heats of Formation of Radicals 

Reactions which involve the rupture or formation of single bonds 

are of great importance in gas kinetics. It rarely happens that the 

% 

* A revision and extension of this work has recently been published : F. D. 
Rossini et at., Selected Values of Physical and Thermodynamic Properties of Hydrocarbons 
and related Compounds , Pittsburgh, 1953. 
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heats of such reactions can be determined directly, hence they must 
be calculated from the heats of formation of the participating radi¬ 
cals and normal molecules. Only in very exceptional cases can 
the heats of formation of radicals be determined by the direct 


Table 1.1. The Heats of Formation oj Some Organic Compounds 

All heats of formation are for the compounds as gases at one atmosphere pressure and 

at 25° C. The units are kcal. 


Compound 



Ref. 


Compound 



Ref 


Cyclo-{ CH 2 ) 3 

CH 2 :CHCH:CH 2 

° 2H 3 <^> 

CH3CI 

*-C 3 H 7 Cl 

*-c 4 h 9 ci 

CH 2 :CHCH 2 C1 

C 2 C1 4 

c 6 h 5 ch 2 ci 

CH 3 Br 

n-C 3 H 7 Br 

(CH 3 ) 3 CBr 

C 6 H 5 Br 

C 6 H 5 CH 2 Br 

CH 3 I 

h-C 3 H 7 I 

(CH 3 ) 3 CI 

ch 3 coi 

c 2 h 5 cho 

CH 2 :CHCH 2 CHO 

c 2 h 3 cho 

(CH 3 ) 2 CO 

(C 2 H 5 ) 2 CO 

n-C 3 H 7 OH 

CH 2 :CHCH 2 OH 

C 6 H 5 OH 

(C 2 H s O) 2 


12-7 

66-6 


7 

9 


Cyclop CH 2 ) 4 
CH 2 :C:CH 2 


6-3 

45-3 


8 

10 


90*3 11 


19 

31 

35 

0 

4 

5 
8 

18 

30 

25 

15 

4 

5 

16 
31- 


6 

1 

7 

6 

2 

6 

7 
9 

4 
6 

5 

8 
3 
8 


12 

14 

14 

16 

17 

18 
20 
21 
22 
23 
16 
20 

25 

26 
16 


C 2 H 5 C1 

(CH 3 ) 2 CHC1 

(CH 3 ) 3 CC1 

CHChCHCl 

C 2 C1 6 

C 2 H 2 C1 4 

c 2 h 4 ci 2 

C 2 H 5 Br 

(CH 3 ) 2 -CHBr 

CH 2 :CHCH 2 Br 

CH 3 COBr 

C 2 H 5 I 

(CH 3 ) 2 CHI 

CH 2 :CHCH 2 I 

C 6 H 5 CH 2 I 


26 

36 
42 

1 

37 

38 
31 
15 
23 
12 * 
46- 

0 * 

10 * 

22 - 

26- 


7 
2 

8 


3 
8 
1 
6 
6 
5 
0 

4 


13 

14 

15 
17 
17 
17 
17 
13 
21 

16 
16 

24 

25 
16 
16 


-46 

16 

*-C 3 H 7 CHO 

-52-5 

16 

-20*6 

16 

c 6 h 5 cho 

11-2 

16 

-20 

16 

ch 3 cocho 

-65*8 

16 

— 51*8 

16 

c 2 h 5 coch 3 

-58*2 

16 

-64-6 

27 

(*-C 3 H 7 ) 2 CO 

-78-4 

28 

-62*2 

16 

(CH 3 ) 3 COH 

-77 

30 

— 30*7 

| -24 

1 

16 

16 

c 6 h 5 ch 2 oh 

-25 

16 

-47*8 

29 I 

[(CH 3 ) 3 CO] 2 

-83 

30 


12 




1.3 CHEMICAL KINETICS AND THERMODYNAMICS 

methods which are applicable to normal molecules ; they are 
usually found by measuring the heat of the reaction in which a 
normal molecule is dissociated into the radical in question and an 
unsaturated fragment, such as an atom or small ladical, the heat 
of formation of which is already known. The heat of this reaction 
is the dissociation energy of the bond which is broken. As there 
has been some confusion in the past over the meaning of the term 
‘ bond dissociation energy ’ we shall examine it more closely with 
the aid of an example. During the dissociation (2) of the water 

molecule into two fragments, 

H 2 0 = H+ OH - D( H—OH) .... (2) 

a hydrogen atom and a hydroxyl radical, an amount of energy 
Z)(H-OH) is absorbed by the system. This energy is known as 
the bond dissociation energy of the ‘ first ’ O—H bond in water ; it 
is related to the heats of formation of the substances by equation 3. 

Z)(H—OH) = A///°(OH) + AH/°(H) - AHf°(H 2 0) 

• • • • ^ 3 ^ 

Relations of this type are of general application and may be used 
to find any bond dissociation energy if the necessary heats of forma¬ 
tion are known. This bond dissociation energy, which is sometimes 
also referred to as the bond strength , must not be confused with the 
mean bond energy. For water, the latter is half the energy which is 
required to dissociate a molecule into two infinitely separated hydro¬ 
gen atoms and an oxygen atom ; the factor of two is introduced 
because two bonds are broken. Hence, 

JThe mean bond energy ofj = j , 2 r£>( H _ 0 H) + D{0 —H)}. 
\the OH bonds in water J /tv 

In practice the mean bond energy of A—X, in a polyatomic mole¬ 
cule AX n , is not usually found from the sum of the individual bond 
dissociation energies, which are often not known, but by making 
use of the relation, 

Mean bond energy of A—X = - {nAHf°yi + AHf°A — AHf°AX. n }. 

The application of this relation is also somewhat restricted because 
there is as yet no general agreement on the heats of formation of 
the atoms of either carbon or nitrogen. Authors have had to assume 
one of the three possible heats of formation for each atom. The 
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mean bond energy can strictly only be defined in this manner for 
molecules of the type AX,„ though attempts have been made to find 
arbitrary quantities, which are often termed ‘ bond energies ’, in 
more complex molecules by apportioning the total energy, needed 
to atomize the molecule, among the various types of bonds. The 
procedure is useful if the ‘ bond energies ’ are to be applied to the 
estimation of the heats of formation of molecules on which no 
calorimetric studies have been made. It is inappropriate to use 
them in discriminating between reaction mechanisms ; though 
there is always a temptation to do so when the relevant bond 
dissociation energies are not known. The energies can be widely 
different, as in the example of water quoted above ; the mean 
bond energy is 109 kcal, the dissociation energy of the first OH 
bond is 118 kcal and that of the second OH bond is 100 kcal. It 
is probable that the dissociation energies of the CH bonds in 
methane differ quite as much from the mean bond energy. 

The bond dissociation energies of diatomic molecules are usually 
most accurately found from spectroscopic observations and many 
of them have been measured. They are conveniently listed by 
Herzberg31 and by Gaydon 32 . From these results the heats of 
formation of many atoms have been calculated. It is not generally 
possible to measure the dissociation energies of bonds in more 
complex molecules spectroscopically, though frequently rather wide 
limits can be placed on these energies. One of the principal 
difficulties is that it is almost impossible to discover the precise 
nature and electronic states of the fragments formed by photo¬ 
dissociation. 

The electron impact method of measuring dissociation energies 
has not yet been very widely applied but has yielded results of great 
importance, particularly on the dissociation energies of the CH 
bonds in the alkanes. A general account of the method has been 
given by Stevenson 3 3 w ho has done much of the work in this field. 

Bond dissociation energies may also be found from kinetic studies 
and these determinations will be described when the reactions from 
which they are derived are discussed. An excellent and full review 
of this method has been written by Szwarc35 ? to which the reader 
should refer for further information. Szwarc also discusses the 
related pyrolytic methods of limited application. 

Table 1.2 contains a list of most of the heats of formation of 
radicals and atoms which are of importance in chemical kinetics 
and which are known with reasonable precision. Bond dissociation 
energies may readily be calculated from these figures and the 
heats of formation of the appropriate normal molecules. For the 
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convenience of the reader, the bond dissociation energies at 25° C of 
a number of bonds of common interest are listed in 'Table 1.3. Many 

Table 1.2. The Heats of Formation of Atoms and Free Radicals 


All the heats if formation of atoms and free radicals , at one atmosphere pressure in the 

gas-phase at 25° C, are in kcal. 


Radical 

a Hr 

Ref. 

Radical 

±Hf° 

Ref. 

Radical 

a /// 3 

Ref. 

H 

52-1 

12 

CH 3 

32-5 

20 

ch 3 o 

— 1 

41 

F 

18-3 

12 

c 2 h 5 

25-2 

24 

c 2 h 5 o 

— 8 

41 

Cl 

29-0 

12 

>i-C 3 H 7 

22 

38-9 

w-C 3 H 70 

- 13 

41 

Br 

26-7 

12 

(CH 3 ) 2 CH 

17 

33 

(CH 3 ) 3 GO 

-22 1 

42 

I 

25-5 

12 

N-C 4 H 9 

19 

38 

hco 

6 

43 

O 

59-2 

12 

(CH 3 ) 3 C 

6 : 

33 

ch 3 co 

— 6 

44 

OH 

10-1 

12 

c 6 h 5 

70 

40 

c 6 h 5 co 

15-6 

45 

SH 

33 

36-7 

c 6 h 5 ch 2 

37-5 

19, 35 

c 6 h 5 co, 

10 

44 

NO 

21-6 

12 

CH 2 :CHCH 2 

30 

35 




no 2 

8-1 

12 

CH 2 :C(CH 3 )CH 2 20 ? 

35 




nh 2 

41 ? 

35 

CH,:CH 

64? ! 

16 





I 


CH ’ C 
• 

123 ? 

16 





Table 1.3. Bond Dissociation Energies 


Bond dissociation energies D(X—Y) in kcal (rounded to the nearest kcal). 


\Y i 

x\ 

_ 

H 

Cl 

Br 

I 

_ 

ch 3 

C 2 H 5 

1 

H 

104 

103 

88 

71 

103 i 

98 

ch 3 

103 

81 

68 

54 

85 

82 

g 2 h 5 I 

98 

81 

67 

51 

82 

80 

«-c 3 h 7 

99 

82 

68 

54 

84 

82 

(ch 3 ) 2 ch 

' 94 

82 

68 

53 

81 

79 

(ch 3 ) 3 c 

1 90 

78 

64 

48 

78 

76 

C 6 H 5 

102 

86 

71 

57 

89 

88 

c 6 h 5 ch 2 

78 

68 

51 

39 

63 

58 

CH 2 :CHCH 2 

77 

58 

48 

36 

62 

60 

c 6 h 5 co 

79 

74 

57 

42 

72 

— 


The bond dissociation energies in italics were determined by kinetic experiments. 


authors tabulate bond dissociation energies at 0° K ; anyone who 
makes calculations should be careful to use a self-consistent set of 
values. 
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Entropy 

The entropy change in a chemical reaction relates the A factors of 
the forward and reverse reactions in much the same way as that 
in which the heat of reaction relates the activation energies. If 
Arrhenius equations adequately describe the rate constants of the 
reactions 4 and — 4 


A + B = G + D .... (4) 

then, since — RT\n K 4 = AG 4 and K 4 = k 4 /k _ 4 ; 

- RT\n k 4 \k_ 4 = (E 4 - E_ 4 ) - RT In A 4 /A_ 4 = A H 4 - TAS 4 . 
Equating coefficients we find that, 


R In A 4 /A _ 4 = AS 4 


This relation is strictly true if the activation energy is defined by 

E = RT2(d\nk/dT) 

and the A factor by 

RT \nA = Td(RT\n k)/dT. 

Hence if the A factor of the forward reaction is known and the 
entropy change can be estimated, the A factor of the reverse 
reaction can be calculated and vice versa. In this way it is often 
possible to extend considerably our knowledge of elementary 
reactions and to detect discrepancies between different sets of 
experiments. 

The use of this relation tacitly assumes the principle of micro¬ 
scopic reversibility or, as it is sometimes known, the principle of 
detailed balancing ; this principle is best described with the aid 
of an example. One could conceive that the equilibrium 

A^B 

might be established through the intermediates X and Y in the 
manner shown : 

X 

\ 

A B 

\ / 

Y 
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But such a scheme violates the principle of microscopic reversibility 
which requires that each and every step in a reversible system is 
completely reversible, so that the system must be 

X 

7 / 

A B 

^ 2 

Y 

This is not a point of purely academic interest, for it can be seen 
that if the reverse of the reaction 4 

A -f- B —> G -f- ID .... (4) 


was the scheme —4* 


C + D->X->A + B . . . . (—4*) 

in addition to —4 

G + D -> A + B .... (—4) 

the rate constant k- 4 could not be calculated by the method out¬ 
lined above. 

The exact structure and vibrational properties of a molecule must 
be known before its entropy can be precisely evaluated, but fortun¬ 
ately for the purposes of these calculations of equilibria a very high 
degree of accuracy is not necessary. An error of 4-6 entropy units 
only leads to an error of a factor of ten in the ratio of the A factors ; 
usually it is possible to estimate entropies more closely than this 
even when there is considerable uncertainty about the molecular 
properties. 

The translational entropy of a perfect gas may be calculated to 
the accuracy with which its molecular weight is known from the 
Sackur-Tetrode equation, 

S °<rans = R { 5/2 In T + 3 12 In M - In P + In [(^) 3/2 ^J + 5/3 } 

= /J{5/2 In r + 3/2 In M - In P - 1-164}, 

where Pis the pressure in atmospheres and Mis the mass in grammes 
of one mole of the substance. The corrections which must be applied 
to allow for the imperfections of the gas are small at the pressures 
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normally encountered in gas kinetics and may be ignored. Conse¬ 
quently the entropy of an atomic gas in which the particles have 
only translational entropy may always be found. 

The rotational entropy of an assembly of non-linear rigid poly¬ 
atomic molecules is given by 

S° rol = R (3/2 In T + 1/2 In ABC — In a) - 5-384 

where A, B and C are the moments of inertia of the molecule about 
the three axes expressed in atomic weight and Angstrom units, and 
(7 is the symmetry number. Thus the rotational entropy can be 
calculated to a satisfactory degree of accuracy when the molecular 
dimensions have been determined by electron diffraction or spectro¬ 
scopy. Because of their fleeting existence, the dimensions of free 
radicals must be estimated by analogy with stable molecules for 
they can only be directly determined in exceptional cases. How¬ 
ever, as the reader can readily verify, changes in the moments of 
inertia, such as would correspond to the variation of bond lengths 
and bond angles within plausible limits, cause little variation in 
the calculated rotational entropy. 

When a complete vibrational analysis of the molecule is available, 
the vibrational contribution to the entropy can be estimated at 
temperatures at which the harmonic oscillator approximation is 
valid, from the formula 

hr - c ^ ///,' fx — ot.hc/kT 

S° vib =-RXd i In (1 -e-^/ar) + R ^ 

* i 

where to* is the vibrational frequency in cm- 1 of the ith oscillator of 
degeneracy The rather lengthy computations involved in the 
evaluation of this expression can be considerably shortened by the 
use of tables of the two functions calculated by H. L. Johnston 
and published (for slightly different values of the fundamental 
constants) by Wilson 46 and Aston 4 7. Generally it is not possible 
to make very accurate estimates of the frequencies of the vibrational 
modes of molecules and radicals which have not been studied 
spectroscopically. Moreover the errors are likely to be greatest in 
the estimation of the lowest frequencies which correspond to the 
largest contributions to the entropy. Consequently the estimated 
total vibrational contribution to the entropy may be in error by 
several hundred per cent. Fortunately this is not as serious as it 
might seem at first sight, for at low and moderate temperatures 
the vibrational contribution only forms a very small fraction of the 
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total entropy. Thus the partial and total entropies of methyl 
chloride at 25° C are 



trans 


37-7, 


c° _ 

° rot — 


17-6, S° vib = 0 • 50, 


c° 

° total 


55-8 


entropy units (e.u.). 

A much more serious uncertainty is a lack of knowledge of the 
energy barrier to internal rotation in those molecules in which such 
movement is possible. For example, the entropy difference between 
an ethane-like molecule in which complete free rotation is possible 
and one in which no internal rotation occurs is 2-94 e.u. at 25° C. 
Although it is now possible to estimate the energy barriers to free 
rotation in normal molecules with considerable accuracy, nothing 
is known about free rotation in free radicals. By analogy with the 
relative behaviour of CH 3 , NH 2 and OH groups it may be inferred 
that the barrier to the rotation of a CH 2 group is similar to that of 
a CH 3 group. For lack of any more satisfactory working hypotheses, 
all estimates have been made on this assumption. Fortunately, 
many of the equilibria which are of importance in gas kinetics 
involve free radicals of similar structure on both sides of the equa¬ 
tions, so that errors in the assumptions made about structures tend 
to cancel out. For the purposes of the rough estimation of equilibria 
it is often permissible to assume that the entropy of a free radical, R, 
is the same as that of the normal molecule, RH, due allowance 
being made for the lower symmetry of the radical. The entropies 
of many normal molecules are conveniently tabulated in the publi¬ 
cations of the National Bureau of Standards to which reference has 
already been made. 
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THE THEORIES OF CHEMICAL KINETICS 

AND ENERGY TRANSFER 

A complete theory of chemical kinetics would provide a method of 
calculating from first principles the rate of any elementary chemical 
reaction. No such theory has yet been discovered and, indeed, 
enough is now known of the difficulties involved in performing the 
necessary quantum mechanical calculations that it is certain that 
no general method of a priori calculation will be found for many 
years. Nevertheless, three theories of chemical kinetics have been 
developed which enable us to understand some of the factors that 
influence the rates of chemical reactions and occasionally to predict 
the numerical values of rate factors. 

The form of the Arrhenius equation provides a valuable clue 
that in developing theories of reactions it may be possible to treat 
the two rate factors independently ; most advances have been 
made by considering them separately. The most important 
theories, which are applicable to gas reactions, are the collision 
theory, the theory of absolute reaction rates, and the theory of 
unimolecular reactions. The collision theory, although it provides 
some information on the nature of the energy of activation, is almost 
entirely concerned with the magnitude of the A factors of bimole- 
cular and, to a lesser extent, termolecular reactions. The theory 
of absolute reaction rates provides a much more satisfactory method 
of calculating the A factors of not only bimolecular and termolecular 
but also unimolecular reactions. In addition, it provides a means 
of understanding the factors that determine the magnitudes of 
activation energies and a method for making semi-quantitative 
predictions, though not a priori calculations, of these energies. It 
includes the collision theory as a special case. The theory of uni¬ 
molecular reactions, which has at some stage or another been 
developed or improved by almost every major worker on the theory 
of gas reactions, is concerned with the A factor and with the under¬ 
standing of the nature of the energy of activation, rather than its 
calculation. This theory is not developed on the assumption that 
a Maxwell—Boltzmann distribution of energy prevails in the reacting 
system whereas the other two theories are. 
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2.1 THE COLLISION THEORY OF BIMOLECULAR REACTIONS 

2.1 The Collision Theory of Bimolecui.ar Reactions 

The chemical interaction between two molecules varies inversely 
with their separation raised to a high power. Hence molecules 
will only react if they approach each other very closely. It is 
reasonable to suppose that the critical distance will be of the order 
of the sum of the van der Waals radii of the molecules. Now the 
number of times that one molecule approaches to within this 
distance of another in a given period may be calculated from the 
kinetic theory of gases. For the present purpose, it will be sufficient 
to assume that the molecules are rigid spheres with a Maxwellian 
distribution of velocities and to identify the critical distance with 
the mean collision diameter of the molecules involved. These 
collision diameters have been determined for many molecules 
from studies of the transport properties of the gases ; when 
such measurements have not been made, concordant diameters 

may readily be estimated with the aid of molecular models. 
Then, 

The rate of binary collision of molecules = p [A] [B] Z 

= p [A] [B] (7a, b 2 ( 87 c/?T/A /) 1 /2 mole -1 c.c. sec -1 

where a A B is the mean collision diameter of the molecules A and 
B ; M is their reduced mass which is given by (M A -f M B ) jM x M B , 
where M A is the mass of one mole of A ; p is a symmetry factor 
which is unity if A and B are unlike molecules and is one half if 
they are like. This rate of collision is of the order of 10 14 '7 mole-1 
c.c. sec -1 for molecules of moderate dimensions at room temperature 
and is many powers of ten greater than the rate of most of the 
bimolecular reactions which have been studied. However it is 
roughly of the same order of magnitude as the A factors of quite a 
number of reactions. This suggests that for reaction to occur the 
molecules must not only be close together but must also satisfy 
certain energetic requirements. According to the collision theory, 
only those pairs of molecules will react which have between them 
an amount of energy in excess of some minimum when they collide. 
A i condition of this kind introduces into the expression for the 
reaction rate a factor, the magnitude of which varies exponentially 
with the temperature ; such a factor, of course, occurs in the 
Arrhenius equation. It is possible from purely statistical considera¬ 
tions to derive the rates of collision of molecules which satisfy various 
likely energy requirements. These derivations, which are given in 
a rigorous form by Fowler and Guggenheim 1 , are too long to be 
repeated here, so only the results will be noted. 
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The rate of binary collision between molecules with relative 
translational energy in excess of E = 1 /2 MV 2 , where V is the 

relative velocity, 

/ * 

— P [A] [B] Z e ~ E RT (ftT 1) mo ^ e_1 c,c * sec_1 * 

The rate of binary collision between molecules with relative trans¬ 
lational energy along the line of centres in excess of E at the instant 
of contact 

= P [A] [B] Z e~ E,RT mole -1 c.c. sec -1 . 

The rate of binary collision between molecules in which the sum 
of the relative kinetic energy along the line of centres and the energy 
in n specified internal vibrations exceeds E 

= />[A] [B] Ze~ E/RT (/^) mo ^ e_1 c * c * se c -1 . 

The ideal way of deciding which of these equations is the most 
satisfactory would be to compare the predicted functions with the 
experimentally observed variations of rate constants with tempera¬ 
ture. Unfortunately no measurements of the rate constants of 
well-defined reactions have yet been made with sufficient accuracy 
to sustain the test. Until such studies have been made, it is best to 
assume, as is almost invariably done, that the critical requirement 
for bimolecular reaction is that the relative translational energy of 
the molecules along the line of centres at the instant of contact 
should be in excess of E (the second assumption). This is the 
assumption which seems intuitively to be the most reasonable and 
has the additional advantage that it yields the simplest relation. 
Nevertheless, when the equation 

k = [A] [B] Z z~ EIRT 

is applied to reactions between unlike molecules it is often found 
that the agreement between the experimental and calculated values 
of the A factors is poor ; the A factors are often smaller than Z- 
In order to evade this difficulty an empirically determined dimen¬ 
sionless constant, usually designated P, was introduced into the 
equation, so bringing it into line with experiment. This factor, P, 
is often referred to as the steric factor because it was thought that it 
arose because certain directional requirements, as well as require¬ 
ments of energy and proximity, had to be satisfied before the reaction 
could oc cur. Accordingly P factors ranging from 10 _1 to 10 -6 were 
assigned to different gas reactions. Unfortunately, although the 
magnitude of the P factors is usually reasonable (they are generally 
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large for reactions between two small molecules and small for reac¬ 
tions between two large molecules which may require rather precise 
orientation), no method has been suggested by which they could be 
calculated. This, of course, severely limits the usefulness of the theory. 

Some authors prefer to ascribe the deviations of the experimental 
results from the simple collision theory to reduced collision diameters 
of the molecules. But the diameters which must be assumed, if a 
correspondence with experiment is to be obtained, are frequently 
so small that they clearly have no physical reality. It is true that 
a case may often be made for considering that only a portion of a 
molecule, perhaps the end of a long chain, is concerned in a reaction 
and that an ‘ effective ’ collision diameter, commensurate with the 
dimensions of this group, should be allotted to the molecule. All 
such alterations, however plausible, destroy the pictorial simplicity 
of the theory which is its outstanding merit. Accordingly it is best 
to use the kinetic theory collision diameters in all applications. 

A trivial merit of the collision theory, which has perhaps prolonged 
its life, is that most kineticists seem to find it easier to remember the 
magnitudes of P factors than of A factors, probably because the 
former are independent of the system of units. Finally it may be 
noted that it is inconsistent to calculate P factors from the collision 
theory equation using the Arrhenius activation energy E : the 
appropriate activation energy, H , is that derived from the equation 

k = BT 1 / 2 exp (— H/RT) 

which allows for the fact that Z varies with 7" 1 2 . Many authors, 
including the writer, have occasionally not made this allowance. 

2.2 The Transition State Theory of 

Chemical Kinetics 

The development of the transition state theory of chemical kinetics, 
which provides a basis for the prediction of both the A factors and 
activation energies of every kind of elementary reaction, is usually 
associated with the name of Eyring. Eyring extended the work of 
others such as Polanyi, London, Pelzer and Wigner and produced a 
single comprehensive treatment of chemical reactions which he and 
his co-workers have applied with great ingenuity to many reaction 
systems. A full account of the theory and of its manifold applications 
is given by Glasstone, S., Laidler, R. J. and Eyring, H. in The Theory 
of Rate Processes , McGraw-Hill, New York, 1941. We only have space 
in this chapter to discuss some of the features of the theory which 
are of greatest importance to workers in the field of gas kinetics. 
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The fundamental idea around which the theory has been built is 
that all elementary reactions take place through the formation of 
an activated complex formed by the fusion of one, two or three 
it actant molecules depending on whether the reaction is uni- 
molecular, bimolecular or termolecular. The germ of this idea ‘ 
may be found in the treatment of primary salt effects in solution 
given by Bronsted and Bjerrum, but they did not formulate a clear 
molecular description of the complex. The activated complex of 
transition state theory is imagined to have all the attributes of a 
noi mal molecule except that there is no potential barrier to the 
distortion of the complex in one particular direction, that is, along 
the i eaction coordinate. In a bimolecular reaction involving the 
transfer of an atom from one molecule to another, the reaction 
coordinate may be visualized as the line joining the two centres 
between which the atom is transferred. For other reactions the 
picture is often not so simple. The transition state theory provides 
a means of calculating, first, the rate at which the activated com¬ 
plexes pass over into product molecules, second, the concentration 
of complexes of given configuration and energy content, and third, 
the potential energy content of the activated complex. In fact 
these three calculations are not independent of one another but it 
is most convenient, in the first place, to treat them as if they were 
and to consider them in the order given above. 

It is assumed that the movement of the atomic nuclei, as the 
reactant molecules pass through the complex to form the products, 
is so slow that at all times the distribution of the electrons depends 
solely on the momentary positions of the nuclei. Then the potential 
energy function corresponding to the configurational energy of the 
complex will be unique and no electronic transitions will occur. 
This is what is meant by saying that it is assumed that the reaction 
is adiabatic. (The terminology is not particularly happy, but so 
far attempts to introduce a more satisfactory alternative have 
failed.) If the theory is used to predict the rate of a reaction in 
which electronic transitions do occur it is probable that the calcu¬ 
lated value for the rate constant will differ from the experimental 
by many orders of magnitude. 

(*) The Statistical Calculation of Reaction Rates* 

As an example of the calculation of the rate at which activated 
complexes change into product molecules, let us consider the 
bimolecular reaction of two unlike molecules which together form 

* This treatment closely follows that given by Fowler and Guggenheim*, p. 509. 
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an activated complex containing a atoms. Further let us suppose 
that N\ of the first kind of molecule and N 2 of the second are present 
in a volume V of gas. If the necessary quantum mechanical 
problems could be solved an exact potential energy surface could 
be constructed representing the potential energy of the molecular 
system for every conceivable position of the nuclei. Although such a 
solution cannot be obtained, some qualitative features of the surface 
are discernible. The configurations corresponding to the reactants 
and the products lie in valleys of low potential energy separated 
by an energy saddle. Over the lowest point of this saddle, at an 
energy £q above the ground state, lies a pass corresponding to the 
configurations of the activated complex. It is simplest to imagine 
the configurational changes accompanying reaction as the move¬ 
ment of a point over the potential energy surface. The centre of 
the pass is a position of minimum potential energy in every direction 
except that corresponding to the most direct crossing of the pass in 
which it is a maximum. We shall assume that this maximum is 
flat. Parenthetically, it may be remarked that it is not necessary 
that the configuration of the activated complex should lie on a flat 
maximum ; there may be a small dip at the top of the pass ; this 
point will be discussed later. Because the factor e- e//w determines 
the probability of the occurrence of any configuration, the con¬ 
figuration corresponding to the pass will be much more probable 
than that corresponding to any other point on the saddle. Accord¬ 
ingly every pair of rnolecules which reacts must first attain this 
configuration, which is that of the activated complex. 

In order to proceed further it is necessary to assume that in a 
reacting system an equilibrium distribution of activated complexes 
and of other configurations is at all times maintained ; the mechan¬ 
ism by which this distribution is achieved is not specified. This 
feature of the theory stems from its thermodynamic origins and 
renders the theory unsuitable for the treatment of energy transfer 

phenomena. / 

In the system under consideration, each molecule of one kind 
can be thought of as forming a complex with each molecule of the 
other kind. There are N\N 2 such pairs of molecules in the volume 
V forming complexes which may have an activated configuration 
and react. However most of the complexes consist of two molecules 
which are far apart and which interact very feebly ; hence the 
partition function for the vast majority of the complexes may with 
sufficient accuracy be written /j ( T)f 2 ( T), where the factors are 
the partition functions of the normal separate molecules. Now 
the partition functions for pairs of normal molecules have been 
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established, it can be seen that if the partition function for an 
activated complex can also be found then the equilibrium con¬ 
centration of activated complexes may be calculated. This is 
the next step in the argument. The final step is to derive the 

rate of transition at which the activated complexes pass over into 
products. 

Let us define a complex as activated if it lies in the pass on 
the potential energy surface, and its position and momentum in a 
suitable coordinate ** corresponding to motion through the pass 
he in the range d** dp*; no restriction is placed on the other 
cooidinates and momenta so long as they are consistent with these 
values. Since the top of the pass is flat, motion along the coordinate 
.v may be treated as free translation. A partial partition function 
ft{T) for the activated complex in 3a-\ configurational variables 
and their corresponding momenta may be set up by summing over 
all the types of motion of the complex, which are consistent with the 
specified values of** and p*. The full partition function is obtained 
by multiplying this partial function by the translational partition 
function corresponding to the specified values of** and p*. This 
translational partition function is 


dx ★ d p*/ k .... ( 1 ) 

where e* is the energy in this coordinate. In an activated complex 
this energy must be equal to or greater than the height of the energy 
barrier e 0 . Now the equilibrium number of activated complexes 
in the volume V may be found from the usual formula ; it is 


M x N 2 


ft(T) 


A(T)MT) 


=r e~ e * /kT 


dx* dp 



where the energy zero for the calculation of f t (T) is the height of 
the top of the pass, e 0 . 

The rate of transition of the activated complexes is found by con¬ 
sidering the rate at which the points, which represent the configura¬ 
tions of the complexes, cross the pass. If [z* is the effective mass of 
the complex for motion in the coordinate x*, then the mean velocity 
of approach of a point to the pass is />,*/(/*— the momentum divided 
by the mass. Therefore the mean time which a point takes to 
move across the pass is dx*/(p*/y.*) and the frequency with which 
the pass is crossed is 


M x N 2 


MT) 




£o 
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The mean energy in the reaction coordinate, £*, is in excess of the 
minimum energy, £ 0 , by the effective kinetic energy in the co¬ 
ordinate ; so we may write 


e* = e 0 + 1/2 p x * 2 ly*. .... (4) 


On substituting in the previous equation and integrating, we have 


jV*i jY*2 


ft(T) 

MT)f 2 (T) 




If a fraction, x, which is known as the transmission coefficient, of 
these crossings results in reaction, the rate constant is given by 


x ft(T) 

Vfi(T)MT) 




which is roughly of the same form as the Arrhenius equation. The 
factor V corresponding to the volume of the system arises from the 
use of the normal method of defining partition functions, but it 
can be conveniently eliminated by introducing a new partition 
function such that 

9(7“) =f(T)/V 

whence we have 


kT 

9 i (^)92 {T) h 



(ii) The Relation between the Transition State Theory and the 
Collision Theory 

The relationship between this treatment and the simple collision 
theory may be seen by considering the reaction in which two atoms 
combine to form a diatomic molecule. For the present purpose we 
shall suppose that this reaction is bimolecular and that no third 
body is required to stabilize the incipient molecule by the removal 
of energy. Furthermore we shall neglect x which is believed to be 
of the order of unity for most reactions. The simple collision 
theory gives 

A = ai 2 2 (firzkTl[x) 112 molecules- 1 c.c. sec- 1 .... (8) 

where (j. is the reduced mass of the atoms of mass my and m 2 . 

The atoms have no vibrational or rotational degrees of freedom, 
so that their partition functions are 

cpi = (2TimikT) 3/2/hi 

and cp 2 = (27rm 2 A:T) 3/2^3 
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The activated complex resembles a diatomic molecule in that it 
has only two rotational degrees of freedom, but it has no vibrational 
degrees of freedom because the vibration would be in the reaction 
coordinate and is specifically forbidden. Hence the partition func¬ 
tion for the activated complex is 



(27r[mi + m 2 ]kT)V2 

/z3 


.Qizmr 



where /, the moment of inertia of the complex, is the same for both 
rotational degrees of freedom. Substituting in equation 7 we 
obtain, 



(27 z[m { + m 2 \kT) 3/2 (8 tt2 IkT) 
(27rm 1 /:T)3;2 [2.Tzm 2 kT)m 


kT. 



To a fair degree of approximation, we may equate the atomic 
collision diameter with the separation of the atomic nuclei in the 
activated complex and write 


/= a, 2 2 = (X<T, 2 2. ..... (11) 

rn i + m 2 9 1 ' 

Substituting this value in the previous equation, 10, we have 

A = g 1>2 2 (8tcA:77(x)1/2 .... (12) 

which is exactly the same expression as was given by the collision 
theory. It is of little importance that this identity was only achieved 
by making the assumption that the internuclear distance in the 
complex is equal to the collision diameter, which is not exactly true. 
The two lengths can hardly differ by more than a factor of two, 
which corresponds to a possible difference of a factor of four in 
the calculated A factors. In the present state of our knowledge, a 
general agreement within a factor of ten between the calculated 
and experimental quantities must be considered highly satisfactory, 
so the smaller error may be ignored. 

The rates calculated above from the collision theory and from the 
transition state theory are in agreement because the reaction 
considered was between particles (atoms) which have no rotational 
degrees of freedom. When due allowance is made for the different 
molecular weights and collision diameters, the collision theory 
expression for the rate of reaction of non-linear molecules is the 
same as that for the rate of atomic reactions. But rotational par¬ 
tition functions must be included in the transition state expression. 
Each reactant molecule has three rotational degrees of freedom and 
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hence six rotational partition functions must be introduced into the 
denominator of the expression. The activated complex has only 
three rotational degrees of freedom for which partition functions 
appear in the numerator. Consequently if all the rotational par¬ 
tition functions are of the same magnitude, 


A (transition state theory) A (collision theory). 

This inequality is only partially offset by one of the partition func¬ 
tions for the complex being considerably larger than any of those 
for the reactants and by the appearance of new vibrational terms in 
the numerator. Agreement will only be restored if the new vibra¬ 
tional frequencies are quite improbably low and the other vibration 
frequencies in the complex are substantially below the frequencies 
of the corresponding vibrations in the reactants. The magnitude 
of the A factors predicted by the transition state theory for the 
reactions of complex molecules is considered more fully below. 


(m) The Thermodynamic Formulation of the Transition State Theory 

For many purposes and especially for making rough calculations of 
A factors, it is most convenient to write the key equation 7 of the 
transition state theory in the notation of thermodynamics rather 
than of statistical mechanics. This may be done by utilizing the 
well-known formula 13 for the entropy of a substance : 


S = Rd(T In <p)/dr. 


Substituting in equation 7, we find 

k = kT/h c As ‘ tiR 
Since A G = A// — TAS 


e -A Ht/RT 


k = kT\h e - AG ‘ t,RT 

and furthermore since AG = — RT In K 


• • (13) 

• • (14) 

• ■ (15) 


k=kTjhK c *. .... (16) 

In these formulae, AG*, AH* and AS* stand for the free energy 
change, heat content change and entropy change accompanying 
the formation of the activated complex when all the substances are 
in their standard states ; as this notation is universally used the 
conventional zero subscript has been omitted. It is usually assumed 
that the system behaves ideally ; this assumption simplifies the 
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algebra and introduces no errors which are large in comparison 
with those that are introduced by the more fundamental approxi¬ 
mations. The subscript c indicates that the quantities are expressed 
in concentration units. The relation of AH* to c 0 an d to the 
experimental activation energy, to neither of which is it exactly 
equal, will be considered below. 

The form of equation 16 marks the two stages in the development 
of the transition state theory, the calculation of the concentration 
of activated complexes given by the equilibrium constant K* and 
the calculation of their rate of decomposition, kTjh. Equation 15 
exemplifies the important point, which is very often forgotten when 
the comparative rates of reactions are discussed, that it is the free 
energy of activation, not the heat of activation, which determines 
the rate of a chemical reaction. 

For the purposes of kinetic calculations it is most convenient to 
express the entropies of gases in concentration units, but almost all 
tables of thermodynamic quantities list the entropies in pressure 
units, usually for a pressure of one atmosphere at 25° C. The 
entropy change A S c * at standard concentration which accompanies 
the formation of an activated complex from (Arc* + 1) molecules 
of reactant is related to the entropy change A S p * at constant pressure 
by the thermodynamic equation 17 

AS C * = AS p * + An*R \n RT. .... (17) 

For an ideal gaseous system, such as we are considering, 

pV = RT, 

hence A S c * = A S p * + A n*R In pV, .... (18) 

0 

where V is the volume occupied by one mole of gas at a pressure p . 
If the values of the entropy at constant pressure are for a gas at one 
atmosphere and 25° C, then the entropy changes for gases in concen¬ 
tration units of mole c.c. -1 may be found from the formula 19 

A S c * = AS p * + An*. 20 • 1 e.u.(19) 

Since the experimental activation energy, E, is here defined by the 
Arrhenius equation, which is assumed to describe satisfactorily the 
results of all experiments in gas kinetics, we may write 

EIRT2 = d In */dr. 

Writing equation 16 as 

In k = In k\h + In T + In K c * 
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and differentiating, we have 

1/7“+ (change of internal energy) /RT 2 = d In k/dT = E / RT 2 


Hence, 


.\ E = RT + AH* — pAv* 

= RT + AH* — An*(rtr). 


kT 

e (A,it+l) # c -e iRT m G As t t/R m 


For a bimolecular gas reaction in which (Arc* + 1) = 2 




e-E/RT 


e As e t/R 


and for a unimolecular reaction 



c-e;rt e As c t//? # 


(iv) The Calculation of Entropies of Activation 

In section 1.3 the methods by which the entropies of normal 
molecules are calculated were outlined. We have seen how, in 
principle, the entropy of any molecule may be calculated provided 
that sufficient information is available about its structure and 
vibrational and rotational properties. The entropies of most of 
the simpler ordinary molecules can be estimated at least approxi¬ 
mately, but the calculation of the entropies of activated complexes 
and of the free radicals, which play a part in so many gas reactions, 
is not so straightforward. Of course the translational entropies of 
compounds of both classes may be found with complete accuracy, so 
we only have to discuss the calculation of the entropies due to 
rotation, vibration and internal rotation. 

The errors which are likely to creep into the calculations of the 
rotational entropies of radicals largely arise from uncertainties as 
to the precise configuration and symmetry of the radicals. The 
moments of inertia depend much more upon the bond lengths in 
the radicals than upon the bond angles. These lengths may confi¬ 
dently be assumed to be those ordinarily found in saturated mole¬ 
cules ; therefore the errors in the moments of inertia will not give 
rise to errors of more than one or two units at the most in the 
rotational entropy. Errors caused by incorrect assignments of 
symmetry may also amount to one or two units ; for example the 
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symmetry number of a planar methyl radical with bonds arranged 
at angles of 120° to each other is 6, whereas if the radical is pyramidal 
the symmetry number is 3. This factor of two corresponds to a 
difference in entropy of R In 2 = 1*4 e.u. ; however this difference 
may be partially offset as the pyramidal radical is likely to have a 
rather higher vibrational entropy. 

The errors which may be made in the calculation of the vibra¬ 
tional entropies of radicals are unimportant because, in the first 
place, the contribution of vibrational entropy to the total entropy 
of a compound rarely amounts to more than 5-10 per cent of the 
whole at low temperatures and, in the second place, the vibrational 
frequencies of the radical R must be very similar to the known 
frequencies of the parent compound RH. The contribution of 
internal rotations to the entropy is probably also approximately the 
same in the radical as in the parent. An allowance must be made 
for the electronic entropy of radicals, R In 2 = 1*4 e.u., arising from 
the presence of the unpaired electron. 

We are on less sure ground when calculating the entropies of 
activated complexes, both for the reactions of free radicals and 
of normal molecules. Ideally the configuration of the complex is 
exactly defined in the process of calculating the activation energy 
of the reaction, but in practice the calculations are not reliable 
and anyway one often wants to estimate A factors when one has 
no intention of attempting to calculate activation energies. Con¬ 
sequently various reasonable assumptions must be made. The 
majority of unimolecular and bimolecular gas-phase reactions, in 
which only normal molecules are involved, probably proceed 
through the formation of cyclic activated complexes with three or 
more atoms in the ring ; the distances between adjacent ring atoms 
will be slightly greater than the distances between the same atoms 
in a normal molecule ; conventionally these distances are taken as 
1 • 1 times the normal bond lengths. When this assumption has been 
made the rotational entropy may be calculated with a high degree 
of accuracy ; the figure obtained is not much altered if slightly 
different interatomic distances are assumed. The calculation of the 
vibrational entropy is more difficult because little is known about 
the rigidity of the ring ; the frequencies associated with the distor¬ 
tion of four-membered rings are probably high and their contri¬ 
butions will be very small, but the frequencies associated with 
six-membered rings may be much lower. Unfortunately even the 
vibrations of ring systems in normal molecules are not completely 
understood, so there is considerable uncertainty in the calculation 
of this entropy. It will however be seen when these reactions are 
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discussed that the experimental A factors usually fall within the 
anticipated range. 

The calculation of the entropies of the activated complexes for 
free radical reactions is rather more straightforward. It is invari¬ 
ably assumed, for reasons which will be discussed later, that in the 
activated complex for a metathetical reaction the three critical 
atomic centres lie on a straight line. Thus the complex for the 
attack of a bromine atom on methane is supposed to have the 
structure 

Br—H—CH 3 , 

while for the attack of a methyl radical, the structure is 

H 3 C-H-CH 3 . 

The translational entropy may be exactly calculated. The rota¬ 
tional entropy may be estimated to a high degree of accuracy if the 
reacting molecule is fairly large provided that the symmetry number 
of the complex is correctly assigned. The estimation of the entropy 
due to vibration and to internal rotation is more difficult. It seems 
reasonable to suppose that the vibrational frequencies in the two 
parts of the complex will be almost equal to those in the parent 
compounds, but nothing definite is known about the vibrational 
properties of the pseudo-bond joining the two parts together. It 
is usually assumed that this bond is rigid and that entropies may be 
satisfactorily estimated because the vibrational contributions are 
comparatively unimportant. When the attacking substance is a 
radical it is usually assumed that in the complex it rotates freely 
about the axis of the pseudo-bond. This assumption is very likely 
to be correct as the rotating portion is placed at some distance from 
interacting electrons ; it is known that the methyl radicals in 
dimethyl mercury rotate freely. The contribution associated with 
a freely rotating methyl radical at room temperature is 3*0 e.u., 
so at the worst the assumption can introduce only a small error as 
the entropy of internal rotation restricted by a barrier of 3 kcal is 
1 *7 e.u. at 300° C and is larger at higher temperatures. Some idea 
of the magnitudes of the various contributions may be obtained 
from Table 2.1 taken from the work of Bywater and Roberts 2 in 
which the entropy of the complex CH 3 CH 2 —H—H at various 
temperatures is analysed. In the table the entropy of the complex 
is compared with that of ethane. It can be seen that the differences 
between the two entropies are chiefly caused by the electronic 
contribution and by the factor of six due to the symmetry number 
of ethane being 18 ; whereas that of the complex is 3. This 
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Table 2.1. The Standard Entropy ( S°) of the C 2 H 7 Complex formed in the 
Reaction H + C 2 H 6 = H 2 -f- C 2 H 5 (after Bywater and Roberts 2) 


Temperature 0 K 

300 

400 

500 

600 

700 

1 

0 

u lrans. 4- rot. 

56-2 

58-2 

60-3 

61*7 

63-0 

Svi b 

0-7 

1*9 

3-6 

5-5 

J 

7*5 

'Sint. rot. 

1-8 

2*3 

2-8 

3-2 

3-5 

S electronic 

1-4 

1-4 

1-4 

1-4 ! 

1-4 

Stotal 

60*1 

64-1 

68-1 

71-8 

75-4 

S C 2 H„ 

54-9 

59-0 

62-8 

66-4 

69-9 

•Sc,h, + 1 -4 + R In 6 

59-9 

64-0 

1 

67-8 

71-4 

i 

74-9 


agreement shows that the entropies of the activated complexes for 
all hydrogen atom reactions may readily be found from tables of the 
entropies of the parent compounds, provided that due allowance is 
made for the electronic contribution and the change in symmetry: 
this saves much time. The estimates should be good to 2 e.u., 
which correspond to a factor of three in the values of A. The 
procedure is rather less straightforward when applied to the re¬ 
actions of radicals and heavier atoms, but a judicious selection of 
values from tables enables one to make estimates of entropy changes 
which are, at the worst, good to 4 or 5 e.u. ; that is they come 
within this distance of the values calculated by the orthodox 
methods : this uncertainty corresponds to a factor of ten in the A 
factors of the reactions and is acceptable because no significance 
should be attached to a closer agreement between experiment and 
calculations based upon the transition state theory. 

The entropy change associated with the formation of the activated 
complex for the unimolecular decomposition of a substance into 
two radicals is necessarily limited ; it can only arise from a greater 
freedom of internal rotation of the incipient fragments. In some 
decompositions it appears that the fragments not only rotate about 
the axis formed by the breaking bond but around the other two axes 
as well ; unfortunately no method of predicting in which cases this 
very free rotation will be observed has yet been found. Of course, 
when the decomposition only involves the separation of an atom, 
the change of entropy on formation of the complex is very small 
indeed. 

(v) The Calculation of Activation Energies 

The attempts which have been made to calculate energies of 
activation absolutely have failed, not because the problems are 
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theoretically insoluble—the principles involved are well understood 
—but because the mathematical labour required to solve the equa¬ 
tions is so great. The quantum mechanical problem is to calculate 
the energy of interaction, of two or more atomic nuclei and two or 
more electrons. Only for the simplest possible case of the hydrogen 
molecule has this problem yet been completely solved. Any 
reaction that is not unimolecular requires the participation of three 
nuclei ; then no information can be obtained by an approach based 
on first principles unless the problem is drastically oversimplified. 
However Eyring and Polanyi 3 , extending earlier work by London 4 , 
have developed an ingenious method by which the activation 
energies of transfer reactions of the type 

X + YZ = XY + Z 

can be estimated from information derived from the spectroscopic 
study of diatomic molecules. They supposed that the energy of 
interaction of a system of two atoms might be divided into two parts 
such that the energy E is expressed by the equation 

E = A + a, 

where A is the coulombic energy and a is the exchange energy, both 
of which depend upon the distance between the atoms. 1 he value 
of E for different values of the interatomic distance, r, may be 
obtained from the Morse equation for a diatomic molecule : 

E = A + a = Z)[e-2*('-'») — 2e 

where D is the sum of the dissociation energy and the zero-point 
energy of the molecule and r 0 is the equilibrium bond distance : 
a is equal to (2n 2 /hcy i2 .v.(p/Z)) 1 / 2 , where v is the fundamental 
frequency and p is the reduced mass of the molecule. For most 
molecules, the values of D , r 0 , v and p are accurately known and 
are conveniently listed in Herzberg’s book on the spectra of di¬ 
atomic molecules 5 . The total energy of interaction derived from 
the Morse equation is rather arbitrarily apportioned between the 
coulombic and exchange energies. It is generally believed that the 
coulombic energy amounts to between 5 and 20 per cent of the total 
binding energy ; in the absence of any independent evidence the 
proportion is usually taken as 14 per cent which, when the calcu¬ 
lations were originally made, gave the best fit between experiment 
and theory for the reaction of a hydrogen atom with a hydrogen 
molecule. 

Now three atoms, X, Y and Z, can be taken two at a time in three 
different ways, XY, YZ and ZX. Each of these pairs may be 
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regarded as a separate diatomic molecule with interatomic distances 
r U r 2 an d r 3 and with interaction energies A + a, B + p, and 
C Y* ^ h as been shown that the total energy of such a system 
of three atoms, relative to the energy of the system in which the 
three atoms are infinitely far apart, is 

E = A +B + C-{ l/2[(a —(3)2 + ((3 — Y ) 2 + (y - a) 2 ]} 1 / 2 . 

.... ( 20 ) 

The values for the coulombic and exchange energies for any chosen 
interatomic distances rj, 7^ and 7*3 may be found from the Morse 

equation and inserted into equation 20 to obtain the total energy 
of this configuration. 

T o map out an extensive potential energy surface, point by point, 
in this way is a laborious task, but the work is much reduced if 
use is made of a result obtained by London. He showed that for 
a system of three nuclei bound by three ^-electrons the activation 
energy will be a minimum when the third nucleus approaches the 
other two along the line of centres. Consequently only linear 
arrangements of the nuclei need be considered, for the exponential 
dependence of rate on activation energy ensures that only the most 
energetically economical mode of reaction can contribute sub¬ 
stantially to the over-all rate. Since only two independent para¬ 
meters, say 7*1 and 7*2, are required to describe a linear system 
( r 3 = r i + r 2)> the potential energy surface may be simply repre¬ 
sented by energy contours graphed with r\ as ordinate and 72 

as abscissa. A non-linear system can only be represented in four 
dimensions. 

A typical potential energy surface for a three-atom reaction is 
shown in Figure 2.1 (a), in which the energy zero is defined as the 
energy of the system when the three atoms are infinitely separated. 
The reaction path is shown on the map by the dotted line and the • 
energy of the system at the different points along this line is shown 
in Figure 2.1 (b). The activation energy of the reaction is not 
exactly the height of the barrier E a , because no allowance has been 
made for the different zero-point energies of the reactants and of the 
activated complex. The true activation energy is E a -f- Zx yz — £xy 
where the z’s are the zero-point energies of the species. For 
massive atoms the difference between E a and the true activation 
energy is very small. 

Frequently, the contour maps indicate the presence of a small 
depression of a few kilocalories depth at the top of the potential 
energy saddle flanked by higher passes which determine the acti¬ 
vation energy of the reaction. However it is very doubtful if the 
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existence of this depression should be interpreted as evidence of 
the formation of a ‘ stable ’ activated complex, which must cross an 
energy barrier several kilocalories high before it dissociates and whicli 



(a) 



(b) 

Figure 2.1. Potential energy surface for the reaction XY -f- Z = X -f- YZ. 

(a) Contour map; (b) energy profile of path followed by reacting complex. 

might be present in such concentration that it could be detected 
by spectroscopy or other sensitive techniques. The depth of the de¬ 
pression is markedly dependent upon the exact proportion of the 
interaction energy which is assumed to be coulombic ; for some pro¬ 
portions the depression disappears altogether. It is an unfortunate 
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fact that the topography of the potential energy surface in the 
important region corresponding to the activated complex is often 
vei y sensitive to the assumptions made in the calculations. Anyone 
wishing to calculate rate constants by the transition state method 
would be well advised to read the paper by Burns and Dainton^, 
on the reaction of chlorine atoms with nitrosyl chloride, in which 
the various steps in the argument are set out very clearly. 

The approach to the problem of activation energy which has just 
been discussed is that which is generally most convenient for the 
calculation of activation energies, but it does not reveal the factors 
which determine their magnitude as clearly as an alternative 
approach developed by Polanyi and Evans. However their method 
is only applicable to three-centre reactions. Figure 2.2 (a) repre¬ 
sents the superimposed potential energy surfaces of two diatomic 
molecules AB and BC in the presence of the two atoms G and A 
respectively : in both cases it is assumed that the three atoms lie 
on a straight line. These are the potential energy surfaces for the 
reactants and the products in the reaction 

AB + C A + BC. 

The energy zeros for each curve are chosen so that they correspond 
to the energies of the systems when the atoms are infinitely separated 
from the molecules, in which the nuclei are at their equilibrium 
distance apart. For simplicity it has been supposed that AB and 
BC aie identical molecules so that the surfaces are also identical ; 
reactions of this type can be followed by isotopic tracer techniques. 
The axes of the figure have been selected so that points along a 
line drawn parallel to the A'-axis represent the energy of the system 
at various separations of the combined atoms B and G while the 
distance of the unbound atom A from the adjacent atom B is kept 
constant. It is further assumed that no attractive force exists 
between this atom A and the molecule BC in the products and that 
there is no attractive force between C and the molecule AB in the 
reactants. The dotted lines drawn on Figure 2.2 (a) represent 
different routes by which the reactants might be converted into 
products ; the energy profiles corresponding to these routes are 
drawn in Figure 2.2 (b). They all consist of four sections MN, 
JVF, PR, RS : MN represents the increasing potential energy of 
the system as the attacking atom approaches the diatomic molecule 
in the face of the repulsive forces ; JVP the increase due to the 
separation of the bound atoms in the reactants ; PR the decrease 
due to the release of energy when the atoms in the product molecule 
come together ; and RS the decrease due to the recession of the 
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released atom from the molecule. When the behaviour of the 
system corresponds to the first profile, the molecule stretches while 
the atom is still far away ; when it corresponds to the third it does 
not stretch until the atom is very close to it. Clearly the route 


fl 7 5 25 50 80 



Figure 2.2. Potential energy surface for the reaction A + BC = AB -f- C, after Evans and 
Polanyi. (a) Contour map; (b) energy profiles of different paths which reacting complex 
might follow. 

corresponding to the second profile is much more economical 
energetically than that corresponding to either the first or the third : 
it is by a route such as this that the reaction will take place. It is 
found that several routes closely similar to that represented by the 
second energy profile may be traced out, all of which correspond 
to approximately the same value of the activation energy. 

41 




THE THEORIES OF CHEMICAL KINETICS 

The energy surfaces corresponding to the reactants and the 
products may be constructed if the potential energy functions for 
the repulsions and for the stretching of the diatomic molecules are 
known. For the latter the Morse function is a satisfactory approxi¬ 
mation. The repulsive potential energy between two uncharged 
atoms or molecules may be represented by the expression 



a i a 2 hh 

r i 6 h + h 



b 

7 * 1 ” 


where the as are the polarizabilities and the 7’s the ionization 
potentials of the species, and rj is the internuclear distance between 
the atom in the attacking species which carries the free valence 
(that is G in CH 3 ) and the atom which is transferred in the reaction. 
The constant n is usually assigned a value of twelve for fairly com¬ 
plex systems. The value of b is chosen so that dR/dri = 0 where 
r \ = r n + r c> the sum of the van der Waals radii of the two atoms. 
It is assumed that it is sufficient to consider only the interactions 
between these two atoms, for in simple systems the internuclear 
distances between other atoms are comparatively large. 

The actual route followed in the reaction does not lie along the 
potential energy surfaces, because when they were constructed 
the attraction between the attacking atom and the nearer atom 
in the diatomic molecule was neglected. However the correction, 
which must be applied to allow for this attraction, does not greatly 
alter the relative importance of the various routes, but rounds over 
the sharpness of the ridge between the two surfaces. Consequently 
the structure of the activated complex and the approximate acti¬ 
vation energy may be found from a study of the uncorrected curves. 
The correction, which is the resonance energy of the complex, that 
may be represented equally well as either A.B : C or A : B.C is 
then computed for this configuration only, thus considerably re¬ 
ducing the labour of the investigation. Unfortunately, for many 
reactions, such as the abstraction of hydrogen atoms from alkanes 
by alkyl radicals, the corrections are very large. Because they can 
only be evaluated approximately this limits the quantitative useful¬ 
ness of the method but does not detract from its value as an aid 
to our understanding. When the correction is small, as in the re¬ 
actions of sodium atoms with the alkyl halides, which are discussed 
in section 4.3, the activation energies may be calculated with 
reasonable accuracy. The approach outlined above, which has 
been shown to be equivalent to the more general method used by 
Eyring and his collaborators, led to the prediction that the activation 
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energies and heats of reaction of related metathetical reactions 
would be connected by the expression 

E = aA// + c, 

where a and c are constants characteristic of the series of reactions. 
The deduction of this expression and the extent to which it fits the 
experimental results are discussed in section 4.4. 


(vi) The Transition State Theory of Unimolecular Reactions 

Some aspects of the transition state theory of unimolecular reactions 
require further comment because they are of particular importance 
in the interpretation of experimental results. The theory predicts 
that the unimolecular rate constant is 



kT cp*{T) 
h > a(T) 


g — /-o 'RT 


where the subscript a refers to the initial state. The reactant and 
activated complex in a unimolecular reaction have identical trans¬ 
lational entropies, so the expression may be written, 



o a kT ( AtBtCt\U2 3 Tl\l RT 

G X h \A a B a C a J 3 jq 6 (l _ z-hv a lhT\ 


At relatively low temperatures such that hv kT , the terms 

(1 — G -hv/kTj ten d to unity and the rate constant is given by 



On the other hand, when the temperature is relatively high, 
hv kT , and the terms (1 — e~ hv:kT ) may be replaced by kT/hv, 
and the expression for the rate constant is 





3n-6 



AxBxCt y /2 n v a 

A a B a cJ 3-7 


e -E 0 IRT 


These two cases cannot be distinguished experimentally because at 
the temperature at which most gas kinetic experiments are con¬ 
ducted kT/h is approximately 10 13 sec -1 , which is of the order of a 
vibrational frequency. Moreover, as has already been pointed 
out, the experimental results are not yet sufficiently accurate to 
permit the determination of the precise temperature dependence of 
the rate constants. Since the rotational partition functions and 
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vibrational frequencies of the reactants and activated complexes for 
most unimolecular reactions are very similar (especially for those 
reactions involving only the fission of one bond), the theory predicts 
that the A factors will be of the order 10*3 sec -1 . 

The potential energy curve for the dissociation of a normal 
molecule into two radical fragments has the form shown in Figure 
2.3 (o), if there is no energy barrier to the reverse reaction which 



fragments 


Figure 2.3. Potential energy curve for unimolecular decomposition involving radical elimi¬ 
nation. (c) Curve when back reaction has no activation energy; ( b ) curve when back 
reaction has considerable activation energy. 


is the combination of two free radicals : this condition is probably 
fulfilled if either of the radicals is small. If the radicals are large 
steric forces may have to be overcome before they can combine and 
the curve will have a hump in it, as in Figure 2.3 ( b ). When such 
a congested molecule dissociates the radical fragments fly apart 
with high velocities so that their average kinetic energies in excess 
of 1/2*7“ correspond to the fall in the potential energy from the peak 
of the curve. At the present time, the majority of reactions leading 
to the formation of radicals, which have been investigated experi¬ 
mentally, are thought to be of the first kind and this case is of 
greatest interest. In such a reaction, the energy difference D 
between the potential energy corresponding to the zero-point energy 
of the molecule and the zero-point energy of the activated complex 
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is, by definition, the dissociation energy at the absolute zero of the 
bond which is broken. It is of some importance to relate D to the 
other energy quantities which are often referred to in connection 
with unimolecular reactions and we will now consider this point. 

When deriving the expression for the rate constant, the energy 
Eq = Weo was defined in such a way that it is equal to D. When 
hv kT y the experimental activation energy, E x , of reaction 1 is 
also exactly equal to D. 

A -> B + C .... (1) 

Furthermore it can be shown? that although there is no energy 
barrier to the combination, there is an experimental activation 
energy, E- 1 , as defined by the expression 

RT2 d In k-x/dT = E- x . 

E-i is equal to the difference between D and the heat of the reaction 
at constant volume in the temperature range over which the 
reaction was investigated. On the other hand when hv kT, E\ = 
RT + Z), which means that the observed activation energy will be 
some 1 or 2 kcal greater than the dissociation energy of the bond. 
Since the properties of the transition state are not known in detail 
it is impossible to relate exactly the observed activation energy to 
the bond dissociation energy, but it is generally considered satis¬ 
factory to equate them : this procedure can only introduce an error 
which is of the same order as the usual experimental error in the 
determination of activation energies. 

2.3 The Theory of Unimolecular Reactions 

As unimolecular reactions are the simplest possible elementary 
reactions, it is natural that many attempts should have been made 
to produce a theory which would account for the magnitude of 
their rate factors. In 1928 Polanyi and Wigner 8 laid stress on the 
fact, which had been previously recognized by other writers, that 
the rate constants of many first-order reactions correspond to 
Arrhenius equations with A factors of the order of 10 13 sec -1 . As 
it happens many of the reactions which they cited are now known 
not to be unimolecular ; but the generalization was of importance, 
because it directed the attention of workers towards the study of 
the common A factors rather than the different energies of activa¬ 
tion. Ironically enough, although the later experiments have shown 
that the original reactions were not unimolecular they have also 
provided examples of many reactions with A factors of the order 
of 10 13 sec- 1 which are believed to be truly unimolecular. Indeed 
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it seems that A factors of this magnitude should be regarded as 
normal ’, for plausible explanations may usually be advanced for 
the occurrence of ‘ abnormal ’ A factors which lie outside the range 

1013 ± 1-5 sec-l. 

The most satisfactory and realistic theory of unimolecular re¬ 
actions which has yet been proposed is that of Slater. He has set 
out his theory clearly and concisely in two lengthy papers 9 * 1° in 
which he also explores in some detail the relation of his treatment 
to that of other workers. Only a summary of the main lines of his 
argument can be given here and the reader must turn to the original 
papers for the full development. 

Slater takes as his model a polyatomic molecule in which all the 
oscillators are classical and harmonic. The molecular motions are 
described in terms of a series of internal coordinates q 2 , . . . . and 
reaction is supposed to take place when a specified coordinate 
attains a critical value q$. The coordinates may be chosen in any 
way that is convenient ; thus if the reaction under consideration is 
the dissociation of a molecule into two radicals the critical length 
is that between the two atomic nuclei which are to be separated ; 
if it is a cis-trans isomerization the critical length is that between 
two non-bonded nuclei ; alternatively angular coordinates may be 
used and then the reaction is supposed to occur when a particular 
angle in the molecule attains a critical value. As the oscillators 
are harmonic the potential energy is quadratic in the q's ; the 
internal motion can then be resolved into normal modes 1, 2, . . . . 
with frequencies, v 2 . . . ., energies ej, z 2 , ... . and phases 
4l> 42> • • • • The frequencies are assumed to be independent, that 
is, linearly independent in the field of rational numbers ; the conse¬ 
quences of non-independence have also been examined and shown 
not to be serious. Consequently the energies and phases of the 
different modes of vibration will be constant in the free molecule 
and will only change upon collision. On this point, this theory 
differs from most others such as that of Kassel 11 . In Slater’s theory 
it is not assumed that the oscillators are lightly coupled and that the 
energy can flow from one oscillator to another. .Furthermore it 
should be clearly understood that the energy is not supposed to be 
‘ in the bonds ’ and it does not ‘ flow into the critical bond * just 
before it breaks. 

The variation of a typical coordinate q is solely a function of the 
time since the last collision ; it is given by 

n 

q = 2 a s cos 27 x(v s t + ik); a s = ccjss, a s ^ 0.(1) 

s = l 
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The amplitude factors, aV, are constants characteristic of the par¬ 
ticular coordinate q which is being considered. They are derived 
from the inertial and force constants of the molecule, so the theory 
can only be strictly applied to the rather small number of molecules 
of interest to kineticists of which a full spectroscopic study and 
vibrational analysis has been made. An example of the derivation 
of the oCs of the ryr/opropane molecule has been given by Slater 12 . 
The number n is at most the total number of normal modes of 
vibration in the molecule and has the maximum value of 3x — 6 
for a non-linear and 3x — 5 for a linear molecule of * atoms. 
However it may be less than the maximum either because q is a 
‘ symmetry coordinate 5 and will not be affected by some of the 
modes or because the effect of some modes on q may be so small 
(very small values of a) that their contribution may be neglected. 
The molecule cannot react unless 

S|a s | = S|a 5 | ^z s ^ < 7 q .... (2) 

for it can be shown mathematically that unless this inequality is 
satisfied q cannot attain the critical value q$. The values of e s , 
that satisfy this requirement and at the same time keep the total 
energy content €(= 2e s ) a minimum, are found to be 

e s = <7o 2a s 2a_4 > 

where a 2 = Sa 5 2 . Hence the minimum energy, called the critical 
energy , e 0 , that the molecule must contain for reaction to occur is 
given by 

Eo = EqIN = ?0 2 /« 2 > 

where N is Avogadro’s number. Any molecule containing energy 
E 0 suitably distributed will react if it is left undisturbed. 

Having established the minimum conditions for reaction, we must 
next determine, first, what proportion of the molecules in the system 
fulfil the energy requirements and, second, at what rate the mole¬ 
cules in each energy range react. Then the over-all rate of reaction 
is the sum of the products c £ r £ of the proportion of molecules, c £i 
in a given energy range and the mean rate of reaction, r £y of the 
molecules in that range. 

The population of each energy range can be found if it is assumed 
that the system is effectively in equilibrium. Then the number of 
molecules out of the total number, C, which have energies in the 

ranges (ej, -j- dsj) .... (£**> £« -f- den) is 

C/'(e)de 1 .... dz n , /(e) = ( kT )-“ exp (— Uss/kT). . . . (3) 
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The fraction of energized molecules with energies (e b e 2 • • • • £*) 
reacting per second is then equated to Z,, the average frequency 
with which q attains the critical value q$. This is the all-important 
step in the argument in which the time factor is introduced. The 
over-all unimolecular rate constant is then 



Lf(z)dz { .... d Zn 



where the integral is over the energy ranges for which z s > 0 and 

which satisfy equation 2. A precise formula for L which is substi¬ 
tuted in equation 4 is 

COS (OnX) f n n 1 

v2 i riJ 0 (a g Ar) — UJ 0 (a 5 y J[x 2 + 4 tt 2 j; 2 Vs 2)] Idxdy 
-oo y [ i i j 

.... (5) 

the integration for z s may be over the range (0, oo) for L vanishes 
when 2 is not satisfied. So we have 



k =L 


n 


—n/,(», o, - ni,(x,y )} di-dji. 


-00 


y 


( 6 ) 


where 


h{x,y) = 


00 

Jol> S V{ £ *0 2 + 4tz2x2v s 2)}-) exp (- e s /kT)d Ss /kT 


0 


= exp {-1/4 kT(Xs 2 (y 2 + 4n 2 x 2 v s 2)} 


From the definition of a, 


1 f 00 foo fj v 

4 ^ 2 j ^ os ( <Ioy ) ex P ( — 1 / 4 kTcf. 2 y 2 )dy\ [1 — exp (— £77r 2 a 2 v s 2)] — 

.... (7) 


n 


= v ex P (— qo 2 l<x 2 kT), where v = (2a 5 2 Vs 2 /a 2 ) 12 .... (8) 

l 

which may be written, 


k = v exp (— Z 0 /kT) = v exp (— E 0 /RT) 


(9) 


This expression corresponds exactly to the simple Arrhenius equa¬ 
tion for a unimolecular reaction so that v may be equated with A 
and E 0 , the minimum energy which the molecule requires to react, 
with the experimental activation energy. 

48 




2.3 THE THEORY OF UNIMOLECULAR REACTIONS 


The reaction frequency has here been derived as a time average. 
This point is illustrated in Figure 2.4 which represents very roughly 
the variation in q , the critical coordinate in a molecule, with time 
before and after an activating collision ; this is the behaviour which 
corresponds to equation 1. By definition, reaction takes place 
when the curve (q versus time) crosses the line representing the 
critical length, q Q , with a positive slope. Before the collision there 
is not sufficient energy distributed correctly among the various 
vibrational modes for q to rise to q$ and hence no reaction occurs ; 
but after the collision the curve crosses the line several times. The 
reaction frequency, L , for the individual molecule is then the 
number of such crossings in a positive direction (three of which are 
shown) made by the full curve in unit time. It should be clearly 



Time - - 

Figure 2.4. The variation of the critical coordinate q in a molecule capable of unimolecular 

reaction, before and after an activating collision. 


realized that L is the dissociation frequency of a particular molecule 
with a particular energy distribution ; it must not be confused with 
v or A, which refer to an assembly of molecules so numerous that 
they may be treated statistically. It is meaningless to talk of A or 
v for a particular molecule. 

There are other ways of deriving v which give the same result 
but which may on occasion seem to be more directly related to the 
reaction problem under consideration, and hence they may be 
more illuminating. For example, v has been shown to be equal to 
the ratio of the product of all the frequencies, v s , in the normal 
molecule to the product of all the frequencies, v' s , with q fixed at 
any arbitrary value, that is 

v = ( v l> • • • • v„)/(v' 2 , v' 3 , .... v'„).(10) 

It has also been shown that, for the important case in which the 
reaction is the breaking of a bond between two atoms in a large 
molecule, the frequency factor v is the same as the frequency of 
vibration of an imaginary diatomic molecule consisting of the bonded 
atoms joined by a bond with the same force constant as the bond 
that connects them in the polyatomic molecule. 
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Slater has explored the relation of this treatment to the transition 
state theory. He has shown that a transition state formulation, in 
which an activated complex is defined, its concentration deter¬ 
mined, and its transition velocity calculated, yields precisely the 
same expression for v as is found by the other methods. Moreover, 
an expression can be obtained which is exactly equivalent to the 
basic equation of the transition state theory. The great similarity 
of the results obtained by the two methods can be seen by compar¬ 
ing equation 10 with the expression derived in the previous section 

G\ f AxBtCx \l/2 II v, 

A= *V 2 \A^C a ) 

for the A factor of a unimolecular dissociation at temperatures such 
that kT > /iv, when the vibrations may be regarded as classical. 

There are several aspects of Slater’s theory which call for more 
detailed comment. It was assumed that the reacting molecule was 
made up of classical harmonic vibrators. This simplifying assump¬ 
tion cannot be strictly true for the quantum of energy of a molecular 
vibration is not in general negligibly small, nor are molecular oscil¬ 
lations strictly harmonic ; in fact if they were, no reaction would 
take place. It is not clear exactly how great are the errors which 
the assumption introduces, though it seems likely that they are small. 

The expression for v, which corresponds to the experimental A , 

n 

is (Xa 5 2 v s 2 /a 2 )b2 so that the frequency factor is a weighted root 

mean square of all the vibrational frequencies in the molecule, 
v must therefore lie in the range of molecular vibrational frequencies, 
that is from 10 12 to 10 14 sec- 1 . This range corresponds exactly to 
that which we have agreed to consider c normal ’ on experimental 
grounds. Several unimolecular reactions have been found for 
which there seems to be irrefutable evidence that their A factors 
lie outside this range ; we may inquire whether the theory allows 
for this contingency. No explanation can be found in the theory 
for the low frequency factors, for it would seem impossible that L 
should fall below the time-average value. On the other hand, high 
frequency factors might arise if the phase distribution after an 
activating collision was not statistical but was such that q — q o was 
likely to reach a value of zero very soon after the collision ; that is 
in a time short in comparison with 1 jL sec. The mathematical 
treatment of this type of problem is extremely difficult and has not 
yet been attempted in connection with the theory of chemical 
reactions. However the molecules which are found to react with 
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very high A factors do not seem to be of similar ‘ vibrational types ’ 
as would be expected if the occurrence of high A factors depended 
upon the special distribution of the vibrational phases immediately 
after a collision. 

Slater’s theory yields a simple expression for the rate of reaction 
of molecules in a specified energy range which is very similar to 
that given by Kassel 11 . The number of molecules with internal 
energy £e: s in the range £, £ + d£ at equilibrium is, by equation 3, 
Cf z d£(= c £ ) where 



... 

J ec£e,<e-f at 




£”-l e~ £ kT d£ 

mwrr 


If CA:' e d£ is the number of such molecules which react per second, 
the over-all rate is, from equation 4, 



|l/(s) d£] . . . de„, 


where k\ represents the contribution of the molecules in the energy 
range (£, £ + d£) and is not defined in the same way as a normal 
rate constant. Since £ represents Se s we have 



c~ £ * d£ = 





v(l + zkT)~ n exp 





where the process of integration follows the method used above. If we 
write <p(z) for the last expression, we have as the Laplace transform 




(c > 0), 


which upon evaluation gives 


v e “ elkT (£ — £ 0 ) n_1 

T(n)JkTY ' 



(E > e 0 ) 
(e < Co)- 


The specific rate constant for the molecules in the energy range 
(£, £ + d£) is then, 

k z = J t = V ( £ -T e °)"” 1 ( £ > £ o).(11) 

This expression is formally identical to the one derived by Kassel 
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in his classical theory, in which the factor [(£ — £ 0 ) /£] r_1 represents 
the probability that, out of a total energy £ shared among the r 
equivalent classical oscillators in his model molecule, £ 0 will be 
concentrated in the one critical oscillator. 

Slater’s theory, like the transition state theory, provides a method 
of calculating from the properties of a normal unexcited molecule 
the A factor for its unimolecular reaction. It is a very consider¬ 
able improvement, because it allows for the vibrational character¬ 
istics of different molecules and without additional arbitrary 
assumptions it predicts that those molecules with high energy 
content should react faster than those with the minimum energy 
necessary for reaction. It has not yet been proved by direct 
experiment that the reaction rate of molecules depends upon the 
energy which they contain in excess of the minimum, but it is a 
very reasonable concept for which there is much indirect evidence 
that will be reviewed in the next two sections. As we have seen, 
Kassel’s theory predicts this energy dependence but suggests no 
means of evaluating the constant v, which then represents the 
frequency of interchange of energy between the oscillators. It is 
equated with the experimental A factor in order to obtain numerical 
agreement between theory and experiment. Besides these three 
considerable advantages Slater’s theory has the merit that it has 
been rigorously developed and contains no concealed assumptions 
or doubtful approximations. 

Against all these good points must be set two serious disadvan¬ 
tages. The first is that the model molecule contains only classical 
oscillators, whereas there is much evidence that molecular vibra¬ 
tions must be regarded as quantized for the purposes of most exact 
calculations. The second is that it is assumed that the conformation 
of the molecule and the stresses to which it is subjected just before 
it reacts are approximately the same as those in a molecule at rest. 
Or, in the words of the transition state theory, it is assumed that all 
unimolecular reactions have very small entropies of activation. It 
seems that it is because of this limiting assumption that Slater’s 
theory provides no general treatment of high and low A factors. 
For, as will be seen when examples of actual reactions are considered, 
there are good reasons for believing that the observed positive and 
negative entropies of activation correspond to physical realities 
and are not merely introduced as arbitrary corrections. However, 
although it has not yet been done, it does not seem impossible 
that Slater’s theory could be extended to cover those reactions 
for which the critical state does not closely resemble the initial 
state. 
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2.4 Energy Transfer in Unimolecular Reactions 


In the previous section the problem of the way in which molecules 
acquired the energy necessary For unimolecular reaction was glossed 
over. IF they are activated by collisions, which are oF their nature 
bimolecular, it is difficult at first sight to see why the reactions are 
not second order. To overcome this difficulty Perrin, Lewis and 
Trautz independently proposed variants oF what is now known as 
the radiation hypothesis oF chemical activation. The basic idea 
was that the molecules were activated not by collision but by the 
absorption oF radiation emitted by the reaction vessel. However, 
many objections to this theory were raised and, despite the in¬ 
genious modifications which were devised, it was abandoned once 
an acceptable alternative had been suggested ; it is now only oF 
historical interest.! 3 

Almost simultaneously Christiansen 14 and Lindemann 15 pointed 
out that collisional activation was compatible with first-order kinetics 
provided that the interval between collisions was short compared 
with the mean liFetime oF an activated molecule, by which they 
meant a molecule containing sufficient vibrational energy to react. 
Under these conditions an equilibrium concentration oF active 
molecules, directly proportional to the concentration oF the reactant, 
would be maintained. By way oF illustration, let us consider a 
scheme For the reaction oF a substance A to Form B which may be 
represented by 

A -f A = A* + A .... (1) 

A* = B .... (2) 

where A* is the activated molecule. Now when the concentration 
oF A* is stationary 


- (dA*ldl) AtB = 0 = *![A]2 - k— i [A] [A*] 

Hence 

[A*] = A I [A]2/(*_ 1 [A] +k 2 ) 

and 

d[A] 1 _ *i* 2 [A ] 

df • LA] * *-,[A] + k 2 

where k is the rate constant oF the reaction 

A = B. 


*2 [A*]. 



This treatment is usually associated with the names oF Hinshelwood 
and Lindemann and is oFten known as the Hinshelwood-Lindemann 
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theory of unimolecular reactions ; for the sake of brevity it will 
hereinafter be referred to as the HL theory. 

It will be noticed that in the above derivation it was tacitlv 

/ 

assumed that the reaction was studied in its initial stages when so 
few product, B, molecules had been formed that their presence 
could be neglected. It has been found experimentally that the 
reaction products are usually about as efficient as the reactants in 
maintaining the rate so that good first-order plots are obtained 
throughout the course of the reaction. This is of considerable 
practical importance as it is difficult to measure initial rates of 
reaction with precision. 

It can be seen from equation 12 that at high pressures 

k -> kik 2 /k-i 

and at low pressures k -> Arj [A]. 

Hence all unimolecular reactions which obey first-order kinetics 
at high pressures will obey second-order kinetics at sufficiently low 
pressures. The pressure range in which the change occurs will be 
determined by the relative magnitudes of the rate constants k-\ 
and k 2 . 

First k -1 is found. It is supposed that every collision of an acti¬ 
vated molecule with an unactivated molecule is deactivating. 
Since only a very small proportion of the molecules in the system 
are activated, an activated molecule will be deactivated on effectively 
every collision. The rate of collision of activated molecules, k- j, 
can be calculated from the kinetic theory of gases by the approxi¬ 
mate formula 

k-i = 4a2( 7 c*7>i)l/2, 

if it is assumed that an activated molecule of mass m has the same 
collision diametef, a, as a normal molecule. Later we will examine 
the experimental evidence in favour of this assumption that, every 
time the centres of an activated and a normal molecule come within 
a distance of each other equal to the normal kinetic theory collision 
diameter, sufficient energy will be transferred to deactivate the 
activated molecule. 

At high pressures, the concentration of A* will approach the 
equilibrium value, Aj[A], which it would have if no A* were , 
removed by reaction. This concentration may be calculated by 
the methods of statistical mechanics as no kinetic considerations are 
involved. The accuracy with which this concentration may be 
calculated depends solely upon how much is known about the 
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normal molecule and the precision with which the characteristics 
of the activated molecule are defined. Since the equilibrium 
constant K \, is equal to Aq/A-j, k x may be found. The expression 
usually used is that derived from classical statistical mechanics *6 



e - £ ' O ^(£' 0 /i?T)l2v-l 

( 1 / 2 - 1 )! 



This is the probability that a specific molecule contains a total energy 
E 'o distributed amongjy quadratic or 4 square ’ terms. The expres¬ 
sion only has this simple form when E'q yRE, an inequality which 
holds for almost all unimolecular reactions which can be studied 
experimentally. It can be shown that E'q is related to the experi¬ 
mental activation energy E by the equation 

E = E' 0 -(\/2y-\)RT. 

Each effective mode of vibration contributes two square terms, one 
for the kinetic and one for the potential energy ; they are so-called 
because for harmonic motion the energies are proportional to the 
square of some quantity such as velocity or displacement. Thus 
for a non-linear *-atomic molecule y has a maximum value of 
2(3* — 6). However y is always arbitrarily chosen so that the 
best fit is obtained between the theoretical and experimental results. 
In this wayq; is usually found to be rather greater than 3x — 6. 

Now since k 2 = k^/Ki, where A^ is the rate constant of the 
over-all reaction at a pressure so high that the rate of energy transfer 
is not significant, we may write 

Ae~ fZi 0_( l/2 y-DK'n/RT (1/2 y — \)\ 

kl = e -£'./RT (E’oIRT) 1/2y-1 

= Ae (1 / 2 5 ' _1) (1 /2 y - 1)!/(£' 0 /«r )!/2 v-\ .(14) 

Therefore in the range E ’ 0 > yR T, for which the approximations 
made in the derivation are valid, k 2 decreases and the lifetimes of 
the activated molecules increase with increasing values of y. For 
many reactions ( E\RT ) 40 and A ~ 10 13 sec -1 ; if we take these 
figures we can compute the mean lifetimes of the activated molecules 
with energy distributed overq; square terms to be as follows : 

y = 2 10 20 

Lifetime = 10-13 10-9-5 10-6-5 S ec. 

Nevertheless, as can be clearly seen from the method of derivation, 
the longer lifetimes of the activated molecules are exactly offset 
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by their greater concentration when y is large. Consequently the 
value of A for the whole assembly of molecules can be 10 13 sec -1 
when the value of k 2 is only 106 sec- 1 . When it is remembered that 
an average molecule collides some 10 9 times each second with other 
molecules in a gas at atmospheric pressure, it will be realized that 
only at very low pressures will the rate of energy transfer fail to 
sustain the rate of reaction of molecules of some complexity. The 
numerical values for the average lifetimes of all activated molecules 
are fairly similar to those calculated from Slater’s theory, 

n = 1 5 10 15 

Lifetime = 10~ 13 10~ 9 10~ 4 10 sec. 

One oscillator is equivalent to two square terms, hence n is equivalent 
to j//2. 

The most serious over-simplification of the HL theory lies in the 
assumption that all activated molecules react at the same rate, 
whereas intuitively it seems more reasonable that the lifetimes of 
the more energized molecules should be shorter than those of the 
less energized. It will in fact be shown that the experimental 
results can only be explained on such a basis. Kassel, Rice and 
Ramsperger have all developed theories which allow for different 
rates of reaction, but here we will consider the theory of Slater 
which derives naturally from his theory of unimolecular reactions 
that has already been described. Slater’s treatment, like that of all 
other workers, follows closely the original argument of Hinshelwood 
and Lindemann. 

As before the rate at which molecules are activated is found from 
calculations of the equilibrium concentration of activated molecules 
and of the rate of deactivation, assuming that all gas-kinetic 
collisions are effective. The population in any energized range 
(e s , £$ -f de s ) = 1where the energies satisfy equation 2, 
will be 

Ce- E /* r n(de s / kT), Z = 

l 

when the system is at equilibrium ; the symbolism is that of the 
previous section. The collision frequency per molecule and hence 
the rate of deactivation is again assumed to have the classical form 

<o =ZC, Z = 4g 2 (tz/c T/m) 1 / 2 . 

Hence the number of molecules raised in unit time into this energy 
range is 

o)Ce~ Z kT ll(de s lkT). . . . . ( 15 ) 
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However, the population of activated molecules in any energy 
range will not correspond to the Boltzmann distribution because 
of the depletion by reaction ; it will be some smaller number, say 
Cg(e u . . . , s M )dsi, . . . de„, where g is to be determined. 

Then the number of molecules reacting per unit time is 

CgLdei . . . de„ .... (16) 

and the number deactivated is 


coCgdei . . . de M . .... (17) 

In the steady state, the number of molecules activated by collision 
is equal to the number which is deactivated and which react, hence 

(L -f- ou>)g = coe~ z/kT (kT)~ n .... (18) 


which provides us with an expression for g. Integrating equation 16 
over the internal energies gives the unimolecular rate constant, 



1 dC 
C* d t 



and by equation 18 



f Le-e 

Jl +£/*> 




where the integral is over the energy range which corresponds to 
activation. 

Because of mathematical difficulties the exact expression for L 
cannot be used to develop the theory further ; in its stead a simpler 
approximate expression due to Slater 17 must be substituted : 



Then provided b = Zq fkT is large and the p’s and the frequencies 
v’s are not widely scattered, where 

(Jts = | a s | /a (S(JLs 2 = 1) 

the rc-fold integral, 19, may be evaluated ; the expression for the 
rate constant is 


k = V e- 6 7„(0) .... (21) 

k _j . _ 1 roo *l/2f„-i) e -* d * 

W (1/2 n — 1 / 2 )! J o 1 ' + * 1/2 <»-l> Q-r ( 22 ) 



where 
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In 22, x = (i — Z 0 )lkT .... (23) 

0 = (co/v)£l/2(n-l)/ n .... (24) 

and / n = (47r)l/2(n-i)(i/2 w -l/2)! l x 1 |x 2 ... [ xn . . . . (25) 

At high pressures, <o and 0 tend to infinity and /„(0) tends to 
unity, so that the rate constant approaches the value at infinite 
pressure, as it should. 

At very low pressures, co and 0 tend to zero and k approaches the 
form 


k ~ ve-*0/(l/2>z - 1/2)! = cop .^2 . . . |x*(4n:i)i/2 <«-i> e - 6 


which is the first term of the more accurate expression : 


&=co(i.ifj .2 . . . [Xn(4rc^)h2 (n-l) 1 

=coA 


VU+'-’Mi- 


(26) 


derived by Slater to express the rate in this region. 

This expression is based upon the original assumptions of Slater’s 
theory, namely that the oscillators are simple harmonic and that 
the condition that a molecule is activated is as given on page 47 

2|<z s | = 2|as| ^5 ^o* • • • • (2) 

Now it is possible that if a molecule contains energy in excess of 
£q, which is not distributed so as to satisfy equation 2, there is some 
chance that it will eventually react if it is left undisturbed for 
a long time ; though reaction can only occur if the prohibition 
against the transfer of energy from one mode to another is not as 
absolute as is required by the strictly harmonic model. Now it is 
known that molecular vibrations are not strictly harmonic so that 
some transfer of energy from one mode to another will take place. 
As yet no method has been found of calculating the rate of transfer 
of energy between normal modes, but it is possible to calculate 
roughly the effect that completely efficient transfer will have on the 
predicted low-pressure rate. It may be noted that the calculated 
rate, so found, will be the same as that which can be obtained from 
Kassel’s theory, which explicitly makes the assumption that all 
molecules containing energy in excess of Z a can react if left alone 
long enough. As an example of the magnitude of the effect for a 
molecule in which all the p’s are equal and b = 40, Slater gives the 
following values for k/co = Ae b : 
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for n 1 3 5 7 9 13 

(a) If equation 2 must hold 1 10 3 * 6 10 6 ’ 2 10 8 *5 

( b ) if € ^ £ 0 is sufficient 1 10 2 * 9 10 5-0 10 6 ’ 8 

As has already been stated it is not known how rapid the transfer 
of energy between the various modes is. But clearly at some 
pressure characteristic of the molecule a transition should occur, 
which will be reflected in the value of kjk^ corresponding to the 
change from the limiting condition ( a ) to condition ( b ). No study 
of a unimolecular reaction has yet been made over a sufficient 
range of pressures and with sufficient accuracy to observe this 



Figure 2.5. The variation of the rale constants for the unimolecular reactions of molecules 
of different complexities , according to the theory of Slater. 

- n = 13,- n = 7,- n = 3, - n = 1 (H inshel uiood- 

Lindemann theory). 

(a) Curves in their true positions; (b) curves shifted to emphasize the differences in their 
shapes. 

effect. If it could be detected it would provide evidence of great 
importance on the validity of Slater’s treatment. 

At pressures intermediate between the wholly first-order and 
wholly second-order regions the integration, 22, for 7 n (0) must be 
performed numerically. Strictly, separate calculations must be 
made for each molecule that is studied, inserting the appropriate 
values for the constants p’s, m , cr, n etc. But it has been found for 
three fairly typical molecules, in which the critical coordinate q 0 
is the distance between a carbon and a hydrogen atom, that the 
spread of p’s is such that pj, p 2 , . . . . p« are approximately in geo¬ 
metrical progression with pj = 5p„. Sample calculations have been 
made for such typical molecules with molecular weights of 50 and 
collision diameters of 5A, with v = 10 13 *7 sec- 1 , b = 40 and at a 
temperature of 700° K. The results of these calculations for various 
values of n are plotted in Figure 2.5 (a) as log k\k^ as a function of 
the logarithm of the pressure. 

From the figure it can be seen that the chief effect of the altera¬ 
tion of n is to shift the position of the a curves. The shape of the 
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curves (best seen in b) is altered comparatively little ; consequently 
a good fit between the shapes of the theoretical and experimental 
curves is only significant if the observations are very accurate. 

When n = 1, the integral, 22, may be exactly evaluated. It is 
found that 

A ( 0 ) = 1/(1 + 0 - 1 ), 0 = co/v 
and kjk oo — 1 /(I -f~ v/co). 

This expression corresponds exactly to that derived for all molecules 
from the HL theory 

k/k 00 = \l(l +k 2 lk- l [A]), .... (27) 



Figure 2.6. The variation of the rate con¬ 
stant for the isomerization of cyclo- 
propane with pressure. Full curve , 
experimental; circles , values calculated 
by Slater; dashed line , prediction of 
Hinshelwood-Lindemann theory. 


so that the b curves for n = 1 and for the HL theory are coincident. 
Since there are few molecules for which one would expect n to be 
less than about 5, it is possible to distinguish the HL curve from that 
predicted by any of the more elaborate theories. The shapes of 
the experimental curves are usually determined with sufficient 
accuracy to sustain such a distinction ; it will be seen that the HL 
theory is inadequate to explain the experimental observations. The 
inadequacy derives from the failure to allow for the greater reactivity 
of the more energetic molecules ; consequently the HL theory 
predicts the same shape, though not the same position, for the 
log k 1^ versus log p curves of all molecules, however complex. 

A striking way of showing the discrepancy between the HL 
theory and experiment (and also incidentally Slater’s theory) is to 
plot the function 1 Ik against the reciprocal of the pressure. This is 
done for the isomerization of ryc/opropane in Figure 2.6. The HL 
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theory predicts a simple straight line relation. The position and 
slope of the line are determined somewhat arbitrarily. The line 
in the figure corresponds to the curve in Figure 2.8 , which was chosen 
as the best fit that could be obtained between the HL theory and 
the data on ryc/opropane. 

The other principal theories due to Kassel, Rice and Ramsperger 
make the all-important allowance for the shorter lifetimes of the 
more energetic molecules. In both the classical and quantal forms 
of Kassel’s theory 1 8 the assumption is made that the molecule 
reaches its critical condition when the requisite amount of energy 
is concentrated in a particular oscillator, whereas Rice and Rams¬ 
perger 19 assume that it must be concentrated in one square term. 
Such differences as exist between the theories arise from this as¬ 
sumption. In the classical form of Kassel’s theory the frequency 
of reaction of a molecule containing energy £ is 

— e 0 /e ) r_1 .... (28) 

where r is the number of effective oscillators in the rqolecule ; this 
expression is formally identical to Slater’s expression, 11. Conse¬ 
quently Kassel’s expression for kjk 00 , 



is very closely related to equation 22. However, quite apart from 
the question of the realism of the respective molecular models, 
these theories are much less satisfactory than Slater’s theory for two 
reasons : first the number of effective oscillators, r, is not determined 
by the theories, but is chosen so that the best possible fit is obtained 
between the theoretical predictions and the experimental results ; 
and second the experimental A factor is used rather than a frequency 
calculated from the model. The only experimental kinetic data 
required for applications of Slater’s theory are the activation 
energies. Because of the similarity between equations 29 and 22, 
Kassel’s classical curve for log k / k^ as a function of log p will have 
the same shape as that of Slater if 

n =2 r — 1, 

but although A and v may be equal the curves will not necessarily, 
or even probably, lie close together. 

There are two points which should be noted in connection with 
Slater’s theory. First is that v and p are conjugate quantities. 
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Secondly is that Eq and T are approximately conjugate quantities ; 
they are not exactly so because 7 T /2 appears in co and hence in 0 . 

Slater has derived a simple approximate expression for the shift 
of the log k/k^ curve for a reaction with temperature. For a par¬ 
ticular gas A'/Ajqq is by equation 24 proportional to pb 1 / 2 ( *-l) T~^l 2 , 
and so to pT~l 2 w . Hence k/k ^ has the same value for pairs of 
values (p f T) such that pT~^l 2« is constant. As a result the curve 
corresponding to a lower temperature Tj will be shifted from the 
position of the curve corresponding to T 2 by an amount 

A log/> = 1/2 n log {T 2 /Ti) .(30) 

This finding is in keeping with the intuitive expectation that at 
higher temperatures the same falling-off in rate will occur at a 
higher pressure. Rather accurate experiments have to be made 
to check this relation in the limited temperature range which is 
accessible and hitherto no observations have been sufficiently precise. 

So far in this section we have been concerned exclusively with the 
problem of energy transfer in unimolecular reactions. We may now 
turn to consider bimolecular reactions. The counterpart of the 
unimolecular dissociation reaction, 3, 

A = B + G .... (3) 

is the bimolecular association, — 3. The rate constants of these two 
reactions are linked by the equilibrium constant if 3 = £ 3/^-3 which 
is independent of pressure. Therefore if £3 decreases at low pressures, 
so also does k -3 and k$/k 2x> = X:_ 3 /A:— 3oo . Consequently if one is 
interested in the decrease in the rate constant k$ of the unimolecular 
reaction with pressure, one may investigate it by studying the bimo¬ 
lecular reaction if it happens to be more convenient experimentally ; 
the converse is also true. The bimolecular rate constant is pressure- 
dependent, at sufficiently low pressures, because the primary act 
of an association reaction is bound to yield a molecule with sufficient 
energy to dissociate and it must be stabilized by a collision, in which 
some of this energy is removed. Although it is sometimes simpler 
to study unimolecular and sometimes bimolecular reactions experi¬ 
mentally, it is invariably simpler to treat unimolecular reactions 
theoretically. The most obvious reason for this is that no completely 
satisfactory method of calculating the rate of three-body collisions 
has yet been devised. On the other hand the measurement or 
approximate calculation of the relevant equilibrium constant is 
usually possible, consequently the problem of association may be 
satisfactorily ‘ inverted 
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Here the activation energy of a reaction is defined, so that 

E = RT2d(\n k) \dT , 

therefore the activation energy, E p , for the unimolecular reaction of 
Slater’s model molecule at very low pressures is from expression 26 

E p = RT2d(\nco)/dT + RT2d(ln A)/dT. . . (31) 

Experiments are usually conducted at constant pressure, when to 
varies as 7 -_1 /2 so that the first term becomes — 1/2 RT. To 
evaluate the second term, write b = E 0 /RT , then 

RT2d( In A)/dT= — E 0 d( In A) /db. 



W (b) 

Figure 2.7. (a) The contribution of the various energy levels to the over-all rate of reaction , 

according to Slater's theory; (b) detail of (a), showing the decrease in the overall rate 
{and activation energy) with decreasing pressure. The symbols have the significance 
allotted in the text. 


Hence by 26, the second term in equation 31 becomes 


E 0 -\/2 (n-l)RT^l-(^ 1 
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or neglecting all except the first terms inside the braces 


E 0 — 1/2 (n — 1 )RT 


and 


E 


E 


0 


- 1 /2nRT. 

The reason for this decline in the activation energy as the second- 
order region is approached can be seen from Figure 2.7. Figure 
2.7 (a) represents schematically the distribution of molecules among 
the energy ranges and their contribution to the over-all rate. 
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Figure 2.7 (b) shows the gradually decreasing contribution of the 
more energetic molecules as the pressure diminishes and the conse¬ 
quent decline of the observed activation energy as the peak of the 
c z r £ curve shifts to the left. There is reliable evidence that the 
activation energy of at least one unimolecular reaction does decline 
as the pressure is reduced. 

It should be noted, as a corollary of the decline of the activation 
energies of unimolecular decompositions with pressure, that a bimo- 
lecular association reaction which has no activation energy at high 
pressures will have a negative activation energy of — 1 /2 nRT at low 
pressures. 

From time to time attempts have been made to unite the tran¬ 
sition state theory with a theory of energy transfer. Indeed it is 
possible to derive the constant A , in the HL theory or that of Kassel 
or, of Rice and Ramsperger, by the transition state methods and 
insert it in the chosen expression. The numerical results may 
be satisfactory but such a marriage involves a fundamental contra¬ 
diction. The transition state theory in its simple form is based 
on the assumption that an equilibrium concentration of activated 
complexes is maintained, whereas the theories of energy transfer 
are based on the assumption that it is not. 

2.5 Experimental Work on Energy Transfer in 

Chemical Reactions 

Although the rate constants of all unimolecular reactions must 
decrease at low pressures, very few reactions have been studied at 
pressures which are sufficiently low for this decrease to be apparent. 
Those reactions for which the fall-off has been detected are com¬ 
monly called quasi-unimolecular reactions. The chance that a 
reaction will exhibit quasi-unimolecular behaviour at pressures 
which are readily accessible to experiment will be increased if the 
following conditions are fulfilled : 

( i ) The reacting molecule should contain few atoms as this reduces 
the possible number of effective oscillators, n. (ii ) If the critical 
condition of the molecule can best be described in terms of the 
movement of two heavy nuclei, then the molecule should contain 
few heavy nuclei. The a’s are small for vibrational modes which 
largely involve the movements of light nuclei. (Hi) The reaction 
should have a high A factor for, it will be recalled, the pressure and 
the A factor are conjugate quantities, (iv) The reaction should be 
studied under conditions such that b = EjRFis as small as possible. 

If the reaction has an A factor of the order of 10 13 sec -1 , the rate 
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can only be studied by conventional means in a static system if 
b 40 or in a flow system if b 33. However the slight advantage 
which studies in flow systems might seem to offer is offset by the 
increased experimental difficulties. 

These points should be borne in mind when a reaction is selected 
for study. There are, in addition, a number of mandatory require¬ 
ments which must be satisfied. First, the reaction must be absolutely 
clean and free from chain or other side reactions at all pressures. 
For this reason most unimolecular reactions which involve free 
radicals are unsuitable, because at the high temperatures necessary 
to disrupt the molecule initially, the radicals attack the parent and 
product molecules : the more stable and unreactive free radicals 
are necessarily only produced from large molecules. Second, the 
reaction must be studied over a very large pressure range—ideally 
over a range of about five powers of ten if both the high-pressure 
and low-pressure limits are to be observed. As a consequence, 
carrier gases such as toluene may not be added to simplify the 
chemistry of the reaction. No system in which some heterogeneous 
reaction occurs at moderate pressures is suitable, for its relative 
importance will be greatly enhanced at low pressures and will 
probably mask any energy transfer effect. Third, the reaction 
must involve the disappearance or formation of compounds which 
can be measured in very small quantities by accurate analytical 
procedures. It is not enough to rely upon an over-all change 
produced in a system, such as a change in pressure, unless the 
presumed relation between this change and chemical composition 
can be verified by analysis. If a reaction is studied at a pressure of 
about 0*1 mm the amount of gas available for analysis will at 
most be of the order of 0 - 1 c.c., because of the practical limitations 
on the size of the reaction vessel. A very sensitive microtechnique 
is needed to analyse this quantity of gas with the necessary accuracy 
°f ± 1 or 2 per cent. It should be possible to analyse smaller 
quantities of gas with a mass-spectrometer, but the instrument has 
not as yet been used for studying this type of reaction. No ideal 
reaction has yet been found, but there are several reasonably satis¬ 
factory examples of quasi-unimolecular behaviour which will now 
be discussed. 

The Isomerization of Cyclopropane —At temperatures above 460° G, 
O^opropane isomerizes at a conveniently measurable rate to 
propylene, according to first-order kinetics. In a Pyrex reaction 
vessel, which has been aged by leaving propylene in it overnight, 
there is no sign of a side reaction, although it could readily be 
detected. If any gas condenses, the total volume of gas will decrease, 
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whereas if any cracking occurs some methane or hydrogen must be 
produced ; both gases are non-condensable in liquid nitrogen and 
readily detected in very small quantities with a McLeod gauge. 

Following preliminary studies in a flow system 20 ? Chambers and 
Kistiakowsky 21 studied the reaction accurately over a temperature 
range from 469° to 519° C, analysing the products by oxidation 
of the propylene with potassium permanganate. They found the 
Arrhenius equation for the reaction at infinite pressure to be 


*oo = 101517 exp (- 65 000/RT) sec-l. 


Over the pressure range from 700 to 10 mm k fell to about 60 per 
cent of its high-pressure value. Subsequently Corner and Pease 22 
re-investigated the reaction over the same range of pressures, 
analysing the products by selective catalytic hydrogenation of the 
propylene. They pointed out that their work and that of Chambers 


and Kistiakowsky did not constitute unambiguous evidence that 
the reaction was quasi-unimolecular. The results could be repre¬ 
sented equally well by the reaction scheme 


(CH 2 ) 3 ^ —CH 2 CH 2 CH 2 — 

—CH 2 CH 2 CH 2 — -> CH 3 CH:CH 2 
—CH 2 CH 2 CH 2 —+ (CH 2 ) 3 -> 2CH 3 CH:CH 2 

if suitable relative values were taken for the various rate constants.* 
They found that the addition of propylene, ethylene and hydrogen 
to the system had very little effect upon the rate constant. This 
would be conclusive evidence against quasi-unimolecular behaviour, 
if it were not now known that the amounts of gas which they added 
would only produce a change of the order of their rather large 
experimental error. 

Pritchard, Sowden and Trotman-Dickenson 23 have studied the 
reaction down to pressures of less than 0 • 1 mm at a temperature 
of 492 it 2° C. This extension of the pressure range was made 
possible by the use of an improved analytical technique whereby 
the composition of 0 T c.c. of gas could be accurately determined 
by absorbing the propylene on a mercuric acetate bead 24. They 
found that the addition of chemically inert gases markedly increased 
the rate of reaction at low pressures. 

The experimental results of all three groups of workers are shown 
as one line in Figure 2.8 , which is a plot of log kjk^ as a function of 

* The relative values given by the authors do not always fit the experimental 
results. It appears that an arithmetical error was made 23. 
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log/?, for the concordance between them is so good that they cannot 
be distinguished on a diagram of this scale. The other curves in 
the figure relate to other reactions which are discussed in this section. 
Some workers, particularly those who discuss their results in terms 
of the HL theory, prefer the simpler plot of A* as a function of p. 
This plot is characterized by apparently marked breaks in the curves 
and might be expected to show up the relative behaviour of, say, 
the members of a homologous series very well. It is also claimed 
that if a molecule can be activated and decompose in different 
ways then this will be shown clearly by breaks in the simple curve, 
which the logarithmic plots tend to slur over. However it seems 
that such breaks, when they are real, are not caused by energy- 
transfer effects. The logarithmic plot will be used here because 
both the high-pressure and the second-order regions can be repre¬ 
sented on it. 

The isomerization of ryc/opropane is the only reaction to which 
Slater’s theory has yet been applied 12 ; the results are most gratify¬ 
ing. The calculations were based upon vibrational analysis of the 
molecule by Saksena 25 who now considers that the figures should be 
revised somewhat in the light of more recent spectral data. Slater 
took as the critical coordinate the distance between a carbon atom 
and a hydrogen atom attached to an adjacent carbon. He 
calculated that v = 10 14 ’ 6 sec -1 . This value is considerably higher 
than the frequency of the molecular vibrations, for Slater multiplies 
the weighted root mean square frequency by the statistical factor 
twelve to allow for the fact that there are twelve equivalent C—H 
distances any one of which can be taken as the critical coordinate. 

The shape of the curve log k\k ^ as a function of log p as calculated 
by Slater is in excellent agreement with the experimental results as 
can be seen from the figure on which the calculated points are 
marked ; none of the calculated points deviates from the experi¬ 
mental curve by an amount greater than the probable experimental 
error. However, in order to obtain such a precise fit the position of 
Slater’s points had to be shifted 0-56 logarithmic units to the left 
(that is towards lower pressures). The agreement is very impressive 
for the only piece of kinetic information used by Slater in making the 
calculations was the experimental activation energy of the reaction • 
there were no adjustable parameters. A good fit can also be 
obtained 21 * 23 between Kassel’s theory and the experimental work 
if the molecule is assigned 13 effective oscillators, a collision diameter 
of 3-9 A and the experimental values of A and E. It is probable 
that an even better fit could be obtained with a slightly different 
choice of the adjustable parameters. 
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It seems that no significance should be attached to the coincidence 
that 

log A (experimental) — log v (calculated) =0-57 

and that 


logp (calculated) — log p (experimental) =0-56. 

But it should be noted that if the experimental value of A had been 
substituted for the calculated v in the expression for the general 
rate, the discrepancy between the calculated and experimental 
values of log p for a given value of log p would rise to 1 • 12. On the 
other hand if the experimental value of the activation energy is 
1 -5 kcal too high (the probable error is certainly Az 1 kcal) then A 
would be equal to v, while this change in E/RT would only shift 
the theoretical fall-off curve by 0*06 log p units. It is quite possible 
that the substitution of new and more accurate values of p’s in the 
formulae and the more accurate determination of the activation 
energy would remove the discrepancies both as regards the A factor 
and the position of the curve. Slater’s theory will probably still 
be strikingly confirmed by the example of cyc/opropane when these 
constants have been more accurately determined. 

Slater also calculated the pressure dependence of the rate constant 
on the assumption that the critical coordinate was not the distance 
between a carbon and a hydrogen atom but that between two 
carbon atoms. On this assumption, the values of the a’s of many 
of the modes are drastically reduced, for clearly the motions of the 
light hydrogen atoms have little effect upon those of the heavy 
carbon atoms. Consequently the molecule has an effective com¬ 
plexity similar to that of a triatomic molecule and it would be 
expected that kjk^ would be 0*5 at a pressure of 70,000 mm. 
This notable lack of agreement with experiment is a strong argument 
against mechanisms involving bi-radicals. 

The Decomposition of Cyclobutane —Kern and Walters 26 showed 
that the first-order rate constant for the decomposition of cyc/obutane 
to ethylene, which Genaux and Walters 27 * 28 had found to be given 
by 

*00 = 1015-6 exp (- 62 500 /RT) sec-l 

at pressures above 100 mm fell off at low pressures. They measured 
the rate constant at pressures as low as 0 • 2 mm. The reaction was 
homogeneous in a vessel which had been aged by prolonged contact 
with ethylene. Substances such as nitric oxide, toluene and pro¬ 
pylene which react readily with free radicals did not decrease the rate 
and various non-reactive gases such as ethane, ethylene and to a 
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lesser extent nitrogen, hydrogen and carbon dioxide increased the 
rate at low partial pressures of ryc/obutane. Thus the evidence is 
very strong that this is a true unimolecular reaction. The experi¬ 
mental curve shown in Figure 2.8 is taken from the results of 
Pritchard, Sowden and Trotman-Dickenson 29 ; these results are in 
substantial agreement with the others but were reported in a form 
more suitable for the present purpose. The high A factor of this 
reaction is discussed in section 3.3. 


, 0 9/> cm 

- 2-10 12 3 



N 2 0 4 at 25° C ; F 2 0 2 at - 37° G ; N z O at 615° C ; C 3 H 6 at 492° G ; CH 3 Br at 
750° G; C 2 H 6 at 240° C ; N 2 O s at 27° G ; (CH 2 0) 3 at 312° C ; CH 3 NNCH 3 
at 190° C ; and C 4 H 8 at 448° G. 


Circles are points predicted by Slater s theory for cyclopropane. 


The Decomposition of Trioxymethylene —The rate of the reaction 

(CH 2 0 ) 3 -> 3CH 2 0 

was measured by Burnett and Bell30 i n a static system by a mano- 
metric method over a temperature range from 272° to 347° C and 
a pressure range from 0-12 to 34 mm. The rate constant fell off 
until at the lowest pressures it was about one-third of the high- 
pressure value, which is given by 

k oo = 10 i 4 - 8 (_ 47 400 /RT) sec-l. 

The results are plotted in Figure 2.8. The authors suggested that 
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breaks occuried in the plots of A; as a function of p , but they are not 
apparent on the logarithmic plot. The reaction might well be worth 
re-investigating especially as it would seem possible to improve the 
accuracy of the observations and to extend the pressure range. 

The Decomposition of Azomethane —Studies of the thermal decom¬ 
positions of organic compounds have played a very important part 
in the development of the theory of energy transfer in unimolecular 
reactions. The theories of Hinshelwood, Lindemann, Rideal, 
Fowler, Kassel, Rice and Ramsperger, which are now believed to 
be substantially correct, were developed to explain the experimental 
results on these decompositions. Paradoxically, it is now believed 
that the majority of the experimental results are useless for this 
purpose as most of the decompositions are not unimolecular re¬ 
actions at all, but free-radical chain processes. It is interesting to 
speculate that if all these decompositions had been studied ana¬ 
lytically much confusion might have been avoided, but probably 
the development of the theory of energy transfer would have been 
delayed by ten or twenty years. Almost alone among the ‘ classic ’ 
quasi-unimolecular reactions, the decomposition of azomethane is 
still acceptable. 

The decomposition has usually been followed by measuring pres¬ 
sure changes in a static system at about 275° to 335° C. Under 
these conditions the reaction is first order and homogeneous ; the 
final pressure corresponds reasonably closely to that required by 
the simple reaction 1 . 

CH 3 .N:N.CH 3 = C 2 H 6 + N 2 .... (1) 

Ramsperger31. 32 and Ri ce and Sickman34 respectively found the 
high-pressure rate constant to be given by 

*oo = 1016-5 exp (- 52 400 /RT) 
and = 1015-9 exp (- 50 200 /RT) sec-1. 

However, the reaction is certainly not as simple as it is represented 
in 1, for analysis shows that the products are complex 35. 36. 
Moreover methyl radicals are involved ; the decomposing azo¬ 
methane will sensitize the chain decomposition of acetaldehyde 37. 

In fact the quantities of methane and ethane formed when the 
decomposition is studied by the toluene carrier technique (section 
3.1) are such as could only occur if the molecule split into two 
methyl radicals and a nitrogen molecule 38. In the flow experiments 
the rate constant at 15 mm pressure was found to be 

*(I 5 ) = 10 1 3*9 exp (— 46 000/RT) sec -1 
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in very good agreement with the value 

* ( l 5) = 1013 exp (— 44 000 /RT) sec-l 

which can be derived from Ramsperger’s results at the same pres¬ 
sure. These may well be the Arrhenius equations for the initial 
formation of radicals. Using rate constants in the literature 39 ? it 
can be shown that in a static system at 300° C and 50 mm pressure 
of pure azomethane at least one-quarter of the methyl radicals 
formed react with azomethane to give methane. The resulting 
CH 2 NNCH 3 radicals will combine with methyl radicals to yield 
G 2 H 5 NNCH 3 , which is probably less stable than the azomethane 
and will rapidly decompose. It is unlikely that any long chains are 
formed, but the slight rise in the quantum yield of the photolysis 
of azomethane above 200° C39-41 indicates that some radical decom¬ 
position takes place. This radical decomposition, which becomes 
more important at higher temperatures and pressures, may account 
for the high activation energy of the over-all decomposition observed 
at high pressures. Tentatively we may accept the Arrhenius equa¬ 
tion found in the flow system rather than that found at high pressures 
of azomethane. 

If this interpretation is correct then the fall-ofT in the reaction 
rate at low pressures is largely due to quasi-unimolecular behaviour ; 
accordingly we have plotted the azomethane curve in Figure 2.8. 
However although the position of the curve is probably correct its 
shape may be distorted. 

The Decomposition of Nitrous Oxide —Many investigations have been 
made of the reaction represented by the stoichiometric equation 

2N 2 0 = 2N 2 + 0 2 

which occurs when nitrous oxide is heated to approximately 600° G. 
It is quite impracticable to review here all the literature in the 
detail necessary to establish the true nature of the reaction, because 
carefully adjusted allowances have to be made for heterogeneous 
reactions. This task has been carried out by Johnston42 anc i we 
shall merely summarize and comment on his findings. 

The reaction appears to be comparatively clean-cut, in that the 
products are almost entirely nitrogen and oxygen, but the mechan¬ 
ism by which they are formed is still in some doubt. The first step 
is believed to be 

N 2 0 = N 2 + 0; AH = -f-39-5 kcal, . ... (l) 

both because this is the only reaction which is acceptable on thermo¬ 
chemical grounds and because no exchange of isotopically labelled 
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nitrogen atoms occurs during the decomposition^. The possible 
subsequent steps are 

O + O + M = 0 2 + M .... (2) 

0 + N 2 0 = N 2 + 0 2 .... (3) 

O + N 2 0 = NO + NO .... (4) 

Some nitric oxide is formed varying from 0-28 per cent at 973° to 
14*4 per cent at 1350° K. This is good evidence that 4 occurs 
readily under some conditions, but that it is unlikely to be important 
at temperatures between 850° and 1050° K at which most of the 
work has been conducted. The lack of isotopic exchange is further 
evidence that reaction 4 is not an important intermediate step. 
Hence the change in pressure may be used to follow the reaction 
and the proved catalytic effect of nitric oxide may be neglected. 

The importance of the heterogeneous reaction may be estimated 
by plotting the first-order rate constants at constant temperature, 
defined by the equation k = d p/dt. 1 //?, where p is the total pressure 
in the system, against the concentration of nitrous oxide. Good 
straight lines are obtained with finite intercepts on the k axis. The 
intercepts were smaller for the results obtained by Volmer 44 working 
in a 715 c.c. vessel than for those obtained by Lewis and Hinshel¬ 
wood 45 with a 300 c.c. vessel and by Musgrave and Hinshelwood 46 
with a 200 c.c. vessel. It is however possible that the situation is not 
as simple as Johnston makes out, for Musgrave and Hinshelwood 
could obtain no change in the intercept by packing the reaction 
vessel with silica balls so as to increase the surface to volume ratio 
by a factor of 16. Johnston estimated from the size of the intercepts 
at different temperatures that the over-all activation energy of the 
heterogeneous reaction was 29 kcal. He then combined the results 
of all workers to obtain a plot of the logarithms of the first-order 
rate constants for the homogeneous decomposition of nitrous oxide 
as a function of the logarithms of the concentration at 888° K. This 
curve, converted into the more familiar pressure units, is given in 
Figure 2.8. There appear to be no breaks in the curve such as might 
be caused by different quasi-unimolecular reactions. The points 
could not equally well be represented by a straight line as has 
been suggested by Pease 47 and the reaction is apparently not of 1 *5 
or any other constant fractional order. At the lowest pressures the 
slope of the logarithmic plot is 45° which is characteristic of a region 
of second-order behaviour. At the highest pressures it appears to 
approach asymptotically a high-pressure first-order rate constant 
given by 

k 00 = 10 11 ’ 7 exp (— 60 000/RT) sec -1 . 
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As Johnston has emphasized there are still two major uncertain¬ 
ties about this reaction. First, the mechanism is not adequately 
understood and, second, the nature and importance of the hetero¬ 
geneous reaction is doubtful. For these reasons too much weight 
should not be attached to any quantitative interpretations of the 
results. It is quite likely that the variation of the rate constant 
should not be solely ascribed to the energy transfer process ; in 
particular the shape of the rate-pressure curve may be incorrect. 
The effect of the addition of inert gases on the rate of the reaction 
has frequently been cited both as good evidence that the reaction 
is quasi-unimolecular and as a good example of the relative effici¬ 
encies of the gases. The position has probably been oversimplified 
for an added gas may have many different effects in a system in 
which both the combination of atoms requiring a third body and 
heterogeneous reactions take place. A precise description of the 
system must be based on a knowledge of the relative importance of 
these effects. If the effect of the added gases had been studied in 
the pressure range in which the reaction obeys second-order kinetics, 
the results might be considered to be reliable ; but unfortunately it 
was not. In conclusion, it seems that the decomposition of nitrous 
oxide is a true example of quasi-unimolecular reaction, but that the 
quantitative data cannot be interpreted in a straightforward fashion. 

The Decomposition of Fluorine Dioxide —Schumacher and Frisch 4 8 
studied the decomposition of F 2 O 2 from — 60° to — 25° C and over 
a pressure range from 2-5 to 400 mm. The first-order decompo¬ 
sition to oxygen and fluorine, which takes place cleanly, was fol¬ 
lowed by the over-all pressure change measured with a quartz 
spiral manometer. The reaction vessel was also of quartz because 
even at these temperatures fluorine attacks glass. The high-pressure 
rate constant, which is given by 

*00 = 10 12 ' 8 exp (— 17 300 /RT) sec-i, 

fell off at low pressures as is shown in Figure 2.8. The rate constant 
seems to be maintained at remarkably low pressures for a molecule 
containing only four atoms. It may be that the mechanism does 
not consist of a single elementary reaction but is complex, as is the 
mechanism for the decomposition of nitrogen pentoxide. On the 
other hand the over-all activation energy is so low that no prelimi¬ 
nary dissociation involving the breaking of a bond seems to be thermo- 
chemically possible. At all events it is probable that no fit can be 
obtained between the experimental results and Slater’s theory, for 
the position of the curve corresponds to that of a model molecule 
with some twelve independent modes of vibration ; a non-linear 

73 



THE THEORIES OF CHEMICAL KINETICS 

tetratomic molecule has a maximum of six modes. A moderate fit 
may be obtained with Kassel s theory if the improbably large value 
of 7 A is assumed for the collision diameter of F 2 0 2 . 

The Decomposition of Nitrogen Pentoxide— The study of the decom¬ 
position of nitrogen pentoxide has played a very important role in 
the development of gas kinetics. First investigated by Daniels and 
Johnston 49 , this decomposition was, until 1925, the only accepted 
example of a first-order gas reaction. They followed the reaction 

2N 2 O s -> 0 2 + 2N 2 0 4 

t . . . . (1) 

4N0 2 

by measuring with a diaphragm gauge the over-all change in 
pressure with time in an all glass system. The mathematical treat¬ 
ment of the experimental observations was slightly complicated by 
the allowance which had to be made for the incomplete dissociation 
of N 2 0 4 . The reaction was studied from 0° to 65° C and over a 
range of pressures from 30 to 700 mm. Subsequent workers 50-53 ? 
obtained results in the same temperature and pressure region and 
also, by the use of a stop-flow system, at temperatures from 65° to 
125° C 54 which are in excellent agreement with those of Daniels 
and Johnston and which may best be fitted to the Arrhenius 
equation 55 

-d[N 2 0 5 ]/dM/[N 2 0 5 ] =k x = 1013-6 exp (-24 600 /RT) sec-*. 

The rate of the reaction is unaffected by packing the reaction vessel 
or by the presence of nitrogen dioxide, oxygen, argon, air, water 
vapour 50 -51, or nitrogen 56 , or by the methods of preparation and 
purification of the gas 5 2 . Moreover the rate is but little altered if 
the reaction is carried out in solutions which would be expected to 
be chemically inert 57 - 58 and is unaffected by the presence of solid 
pentoxide. The solid itself is stable, probably because it is a lattice 
of N0 2 + and N0 3 ~ ions. 

It is obvious from the stoichiometry of the reaction that it is not 
unimolecular. Various mechanisms were proposed to account for 
the kinetics. The first satisfactory mechanism was the following : 

N 2 Os = N 2 0 3 + 0 2 .... (2) 

N 2 0 3 = N0 2 + NO .... (3) 

NO + N 2 O s = 3N0 2 . .... (4) 

Reaction 2 was supposed to be rate-determining 59 , for reactions 

3 and 4 were known to be fast 60 . Later it was realized that 
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reaction 2 was likely to be slow because it involved a change in 
electron multiplicity. Reaction 5, which had originally been ruled 
out on the basis of thermochemical evidence, was substituted for 


N 2 O s = N0 2 + NO + 0 2 .... (5) 

reactions 2 and 3 when more accurate thermochemical measure¬ 
ments showed that its heat of reaction (24-3 kcal) was less than the 
over-all activation energy. 

The results obtained by different workers at low pressures in 
attempts to observe the anticipated decline of the rate constant were 
less concordant than those at high pressures. The discrepancies 
were probably due to surface effects, both to the adsorption of the 
reactants on the glass and to a heterogeneous reaction. The most 
reliable results appear to be those obtained in very large reaction 
vessels by Ramsperger, Nordberg and Tolman 61 (2 to 0-2 mm), 
Ramsperger and Tolman 62 (0*05 to 0-005 mm) and Linhorst and 
Hodges 63 (0-05 to 0*0005 mm) who found that the individual runs 
were invariably first order, but that below 0 *05 mm the rate constant 
..began to decline and that at 0*001 mm the reaction was apparently 
of the order 1 * 8 . The shape of the plot of the log k jk Q0 versus log p 
agreed well with that predicted by the HL theory but its position 
corresponded to a fantastically large collision diameter for the pent- 
oxide molecule. A satisfactory fit for both shape and position 
could not be obtained by any reasonable choice of the parameters 
in Kassel’s equation. 

No explanation of this serious breakdown of the theories of quasi- 
unimolecular reactions was forthcoming until, in 1947, Ogg 64 
proposed that the mechanism of the decomposition is not as written 
above, but rather is 


N 2 O s ^ NO 3 -j - N0 2 
N 0 3 -f N 0 2 = N 0 2 4- NO 4 - 0 2 
NO 4- N 0 3 = 2 N 0 2 


(fast) . . . 
(slow) . . . 
(fast) . . . 


From this scheme, by a steady-state treatment, we find that 


( 6 ) 

(7) 

( 8 ) 


d[N 2 Q 5 ] 

d t 


= 2 


d[NQ 2 ] 
d t 


kfk 


6^7 


k — & 4 * k 


LN 2 o 5 ] 


2 kfk 


6*7 


k- 


[N 2 O s ] 


at high pressures. Ogg justified the necessary assumption that 
k-6 > £7 by thermochemical arguments which have since been 
reinforced by direct kinetic evidence. It can be seen that at low 
pressures the unimolecular rate constant k 6 will begin to decline 
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and eventually a point will be reached when an equilibrium concen- 
ration of [N0 3 ] — A^N,©,] will no longer be maintained. Then 
the over-all rate constant A, will decline, but not in the manner 
predicted by the simple theories. Inspection of the equation shows 
why the over-all rate is unaffected by the addition of NO, despite 
the existence of the pre-equilibrium, for the reduction ‘in the concen¬ 
ts 0 ;? K CXaCtly com P ensate d by the increase in the term 

*7[N0 3 ] [NO,]. 

The mechanism was first confirmed by semi-quantitative measure¬ 
ments of the rate of exchange of UNO, with N 2 O s in the inert 
solvent carbon tetrachloride ; the reaction was followed by observ¬ 
ing the changes in the radioactivity of the nitrate and nitrite ions 
formed when the solution was mixed with a solution of barium 
hydroxide 65 . The exchange (A_ 6 ) was found to be very rapid 
compared with the rate of decomposition (k-,). In the gas phase 
the exchange was followed by infra-red measurements on mixtures 
of 15 N,C >5 and NO,. At 27° C in the presence of 500 mm of 
carbon dioxide, the rate constant for the exchange (k 6 ) was 
approximately 0-5 sec-l whereas that for decomposition is 

3 *5 x 10 ~ 5 sec -1 66 . 

A more direct way of measuring k 6 is to study the rate of the 
reaction of nitrogen pentoxide with nitric oxide, for which Smith 
and Daniels 67 proposed the mechanism 

N 2 O 5 = N0 3 + N0 2 (slow) .... ( 6 ) 

N0 3 + NO = 2N0 2 (fast) .... (9) 

This mechanism is in accord with the observation that the reaction 
is first order with respect to pentoxide and zero order with respect 
to nitric oxide. 


d[N 2 0 5 ] 
d t 


d[NO] 

dt 


= *6[N 2 0 5 ] 


The reaction has subsequently been studied over a range of total 
pressures from 10 -1 to 10 4 mm. At the lowest pressures, the reagents 
were injected into a 22 -litre bulb from gas pipettes either one- 
hundredth or one-thousandth of the volume of the bulb. The 
reaction was followed by measuring the light absorption due to 
N0 2 68 . At intermediate and high pressures, stop-flow systems 
were used and the light absorption was recorded on a cathode-ray 
oscilloscope coupled to the photomultiplier 6 ^. The systems only 
differed in that the flow at intermediate pressures was arrested by 
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turning a stopcock whereas at high pressures a fast-acting stainless 
steel gate was used 70 . (For a fuller description of this type of 
apparatus see section 4.3.) 

Complete measurements were only made at 27° C, at which 
temperature the extrapolated high-pressure rate constant is k 6 = 
0-29 sec -1 ; its temperature dependence is approximately given by 
the equation, 

k 6 oo = 10M-7 exp (— 21 000/RT) sec- 1 . 

The rate constant at zero pressure is given by 

k 6 ( 0 ) = 10 19 * 1 exp (— 19 300/RT) mole -1 c.c. sec -1 . 

The variation of the rate constant with pressure between these two 
extremes is shown in Figure 2.8 , from which it can be seen that this 
reaction has been studied over a far wider range of useful pressures 
than has any other quasi-unimolecular reaction. It is unfortunate 
that its rate cannot be measured directly. 

The agreement between the rates of decomposition of pure 

nitrogen pentoxide calculated from the constants found by use of 
the relation 


^1 — ^6(0)[^^]/(l + ^6(0)[^1 /^loo) 

and the experimental rates is excellent. 

Further support for the Ogg mechanism is derived from two 
sources. The existence of the postulated intermediate, N0 3 , has 
been demonstrated spectroscopically 71 in the pentoxide-catalysed de¬ 
composition of ozone. Also Johnston 7 2 has shown that, in addition 
to the decomposition of nitrogen pentoxide and the reaction 
of nitrogen pentoxide with nitric oxide, the oxidation of nitrogen 
dioxide by ozone and the decomposition of ozone catalysed by 
nitrogen pentoxide may be quantitatively described in terms of 
four reaction schemes involving only six elementary reactions. An 

internally consistent set of rate constants may be assigned to these 
reactions. 

Nevertheless there still remain a few points to be cleared up 
First, the precise nature of reaction 7 is still obscure ; for instance 
it is not known whether the oxygen atoms in the product nitrogen 
dioxide are the same ones as those in the reactant dioxide or if 
exchange occurs. Second, K 6 should be determined more accur¬ 
ately ; the value recommended by Johnston corresponds to an 
improbably low entropy change. Third, E 6ao should be accurately 
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determined for, as we have seen, on Slater’s theory the relation 

^6(0) = ^600 — 1/2 (» — 

should hold where n is the number of effective oscillators in the 
molecule. This relation has not yet been fully tested. Fourth, a 
complete vibrational analysis of the pentoxide molecule should be 
made so that Slater’s theory can be rigorously applied. At the 
moment there seems no reason to suppose that the theory will not 
prove to be adequate. 

Other Reactions —The rate of decomposition of methyl bromide in 
a flow system at very low pressures, in the presence of between 5 
and 20 mm of toluene, has been found 73 to be markedly dependent 
on the total pressure. As will be seen in the next section, there is 
good reason to think that molecules of moderate complexity attain 
an equilibrium distribution of vibrational energy on every collision. 
Consequently we may suppose that parallel variations would be 
observed in the rate of decomposition of pure methyl bromide if 
the experiments could be carried out. Since the value of k ^ for 
this reaction is not known, a line has been arbitrarily drawn in 
Figure 2.8 in such a position that its experimentally determined slope 
seems to be reasonable. Incidentally the position corresponds to 
A qq = 10 l5 *° sec -1 . No theoretical calculations have been reported 
on this reaction, but in view of the simplicity of the molecule and 
the low value of E/RT characteristic of the flow system, it is not 
surprising that the rate constant varies with pressure. 

Preliminary results have been reported 74 on the similar behaviour 
of methyl iodide over a much more extensive range of pressures. 
Unfortunately the experiments, which reveal a very marked 
dependence of the rate on pressure, were not reported in such a 
form that they can be represented in the figure. 

The pressure dependence of the symmetrical decomposition, 1, 

c 2 h 6 = ch 3 + gh 3 .... (1) 

of ethane cannot be investigated directly, but as has already been 
explained it is equally satisfactory to study the effect of pressure on 
the combination of methyl radicals — 1. The variation of the 
rate constant with pressure may most simply be found by comparing 
the rate of combination, which is pressure-dependent, with the rate 
of the bimolecular reaction of methyl radicals with the radical 
source ; the rate constant of the latter reaction is, of course, inde¬ 
pendent of the pressure. The method by which this comparison 
is made is described in section 3.1. Work by Trotman-Dickenson 
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and Steacie 75 on the photolysis of acetone at pressures between 4 
and 100 mm indicated that k- x depended on pressure, but the 
variation was so slight that it may have been due to semi-systematic 
experimental errors. However in series of very careful experiments, 
Kistiakowsky and Roberts 76 and Dodd and Steacie 77 have estab¬ 
lished that k —j declines to about one-quarter of its high-pressure 
value at 1 mm ; this decline is shown in Figure 2.8. An investiga¬ 
tion 78 by the mass-spectrometer flow technique (section 3.1) 
reveals a similar dependence of k- x on pressure in the presence of 
4 to 20 mm of helium ; this gas appears to be only about 1/15 as 
efficient as acetone in transferring energy. A negative activation 
energy, E- u of — 1*5 kcal was found at a pressure of 9 mm of 
helium 79 ; this is quite in accordance with theoretical predictions 
if the reaction has no activation energy at high pressures. It is 
interesting to note that the fall-off curve for this reaction fits 
the HL curve very well ; no reason has yet been suggested as 
to why it should. No great weight should be attached to this 
observation as, despite the care taken, the accuracy of the results 
was not high. Marcus 89 correctly predicted the pressure range 
in which the rate constant would begin to decline on the assump¬ 
tion that the activated complex contained freely rotating methyl 
groups. 7 


By methods which will be described in section 3.1, it has been 
found that the rate of decomposition of nitrogen tetroxide is 
markedly dependent upon pressure even at several atmospheres. The 

7*1 • y ^ ^ upon an estimated value 

of k 'co is Shown in Figure 2.8. It is of interest to compare the results 
that have been obtained with N 2 0 4 and C 2 H 6 , for they are mole¬ 
cules of somewhat similar complexity and configuration At first 
sight it might seem that the difference in the pressure dependence 
Of the two reactions ,s so extreme that no single theory could explain 
their behaviour. But it must be remembered that for the decom- 
position of nitrogen tetroxide E/RT = 23, whereas for the combina- 
jon of methyl radicals E/RT = 142. Now Slater’s theory predicts 
that if a reaction is studied at two different temperatures (T, and 
2 ) the same values of k/k^ will be found at pressures which are 

related by the expression e 


A log p = 1/2 n log (r 2 /rj). 

Let us suppose that nitrogen tetroxide and ethane have precisely 
similar vibrational properties and regard the two reactions as the 
same leaction observed at two different temperatures. Then taking 
” = 11’ Whlch 15 not ^possibly high, A log p = 4■ 4, which fits 
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the experimental results very well. Although this treatment is 
very approximate, it does show that there is no reason to suppose 
that a full theoretical investigation of the two reactions would fail 
to yield results in reasonable agreement with experiment. 

The decomposition of fluorine monoxide at pressures of 50 to 
800 mm and temperatures from 250° to 270° C in quartz, glass and 
magnesium reaction vessels has been followed manometrically 81 . 
It was assumed that the over-all reaction is 


F 2 0 = F 2 + 1/2 0 2 , 

which in a glass or quartz vessel is followed by 

F 2 + 1/2 Si0 2 = 1/2 SiF 4 + 1/2 0 2 . 

The rate constant for the decomposition is given by 


d[F 2 0] 1 

d t ' [F 2 0] 


= *{[F 2 OJ +a[X ] +*[Y] + ...} 


where, X, Y, . . . . are added gases such as oxygen, silicon tetra- 
fluoride and argon, and a y b, . . . . are factors expressing the effect 
of their addition on the rate constant relative to the effect of the 
monoxide itself. This behaviour is characteristic of a unimolecular 
decomposition at pressures so low that only the second-order region 
is observed. In keeping with this interpretation, it may be noted 
that the decomposition of the very similar molecule, nitrous oxide, 
approaches second-order behaviour at these pressures. The over¬ 
all rate constant for the reaction is given by 

k = 10 17 * 7 exp (— 39 000/RT) mole -1 c.c. sec -1 . 

This rate of activation is quite possible for a molecule containing 
three effective modes of vibration, which is the number in fluorine 
monoxide. Hence the critical energy, which corresponds to the 
high-pressure activation energy, may be estimated to be 40*5 kcal. 
As the heat of formation of fluorine monoxide is 5-8 kcal, it can be 
shown by thermochemical arguments that the only possible initial 
reaction is 

F 2 0 = F + FO ; AH = + 40-5 kcal. 

This equation requires that the second F—O bond has a strength of 
50 kcal, that is, 10 kcal more than the first bond. This is quite 
reasonable ; in C1 2 0 the strength of the first bond is 36 kcal and 
that of the second is 63 kcal 82 . More work on this reaction and the 
measurement of would be worth while. 
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The rate of decomposition of nitryl chloride, which almost 
certainly takes place by the mechanism 


NO2CI = NO2 + Cl (slow) 

Cl + NO2CI = NO2 + CI2, (fast) 


has been measured by following the increase of pressure with time 
at pressures from 11 to 6,000 mm and at temperatures from 100° to 
150° C»3. The pressure change, in a glass system with metal 
valves, was followed with a quartz spiral manometer. Over the 
whole range of pressures the rate constant was strongly dependent 
on pressure and cannot be accurately estimated 84. 85. The 
results indicate an activation energy of about 21 kcal ; however, 
studies of equilibria involving nitryl chloride show that this is less 
than the strength of the N0 2 —Cl bond which is probably about 
32 kcal 86. As the addition of chemically inert gases also affects 
the rate of this reaction we may conclude that the rate-determining 
step is unimolecular and that the rate is limited by the rate of 
energy transfer ; the experimental results are quite inadequate for 
purposes of comparison with any theory.* 

By way of summary, it may be said that the effect of energy 
transfer on the rate of unimolecular gas reactions is qualitatively 
understood. Quantitative theories are available but there are very 
few reactions to which they may be applied. However it seems that 
all the observations which have yet been made could be approxi¬ 
mately described in terms of existing theories if all the necessary 
information were available. The greatest need at the moment is 
for more accurate experimental work. Since the reactions of most 
small molecules seem to be seriously affected by the surface of the 
container at low pressures it may be most profitable to concentrate 
on the study of larger molecules ; sub-microtechniques can probably 
be developed for the analysis of the minute quantities of gas. 
Unfortunately a natural limit is placed on such investigations ; 
below 10-3 mm the mean free path of the molecules is of the same 
order as the dimensions of the reaction vessel. Under such con¬ 
ditions any effects due to intermolecular collisions will be obscured 
by the effects of collisions with the wall. 


C '° rd f and H - S 'J° h - ton (J- Amer. chem. Soc. 
/b (1954) 4264) have studied the decomposition of nitryl chloride between 

pressures of 0-3 and 6*0 mm and temperature of 180° to 250° G. Under these 

\ZtTZ f 27 r m/^ bC b , eSt , described hy the second-order rate constant 
. * p ( £7 500 /-KT) mole-1 c.c. sec-1. They explained their results in 

effective^ 1 R 7 e " R f. ms P er S er - Kassel th eory, postulating a molecule with 3*5 
effective classical oscillators and a critical energy of 29*5 kcal. 
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An interesting approach to the problem is the study of the 
reactions of highly energized alkane molecules produced by the 
combination of an alkyl radical with a hydrogen atom 87 . Since 
the strength of a C—H bond is of the order of 100 kcal and that of 
a G—C bond is about 85 kcal the molecule will be formed with 
15 kcal in excess of the critical energy needed to rupture a G—G 
bond. Consequently it will decompose unless it is deactivated by 
collision. Such 4 atomic cracking ’ reactions are well known from 
experiments on mercury photosensitization and with discharge 
tubes, but the systems are very complicated and it is difficult to 
obtain significant quantitative results. Nevertheless because this 
method is one of the very few by which molecules with high vibra¬ 
tional excitation can be produced, it should be well worth further 
investigation. 

2.6 The Transfer of Energy between Molecules 

The normal way in which translational, rotational, vibrational or 
electronic energy is transferred from one molecule to another is by 
a collision. The only other method that is of importance in the 
sort of systems in which the kinetics of gas reactions are investigated 
is the emission of light by one molecule and absorption of this light 
by another ; this process is responsible for the imprisonment of 
resonance radiation. However there is no reason to suppose that 
every collision between two molecules will result in the equilibration 
of their electronic and internal energies ; or to put it another way, 
there is no reason to suppose that the effective collision diameter 
for the transfer of these energies is the same as that for the transfer 
of translational energy, as deduced from the kinetic theory of the 
transport properties of gases. It is of these kinetic theory diameters 
which one usually thinks when referring to the size of a molecule. 

In this section we will consider the available information on the 
transfer of vibrational energy between molecules, first in reacting 
and then in non-reacting systems. The problem of the transfer of 
electronic energy which is only of importance in systems containing 
excited molecules is deferred until section 4.7. The part played by 
rotational energy in determining reaction rates has not yet been 
established. As we have seen in the theoretical discussion it is the 
vibrational energy which is of overwhelming importance in most 
unimolecular reactions. 

One method of obtaining information on the rates of energy 
transfer between molecules is to study the efficiency of chemically 
inert gases in maintaining the rate of unimolecular reactions at 
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pressures at which the rate of reaction is influenced by the rate of 
energy transfer. Another method, which may be regarded as a 
special case of the first, is to study the effect of chemically inert 
gases on the rate of combination of atoms to form diatomic molecules. 
But because of the completely different nature of the experiments, 
it is convenient to consider this method separately. There is also a 
number of physical techniques for studying the transfer of energy 
from molecules which contain less than the critical vibrational 
energy necessary for reaction. 


Figure 2.9. The basis of the 
method for determining the 
relative efficiencies of gases 
in maintaining the rate 
of a quasi-unimolecular 
reaction. 



In the last section we referred to the ability of inert gases to 
maintain the rate constants of quasi-unimolecular reactions This 
observation can readily be placed on a quantitative basis, as may 
be seen from Figure 2.9. At a pressure p a the rate constant for the 
quasi-unimolecular reaction of A is found to be k a . When a pressure 

^ 1 f ** ^ 1 1 ^ — rate constant rises to 

k b which, from the diagram showing the previously determined 

relation between pressure and rate constant, is seen to correspond 

to a pressure p b of A. Then the efficiency of B relative to A in 

transferring energy by collisions is {p„ - p a )/P. In this way the 

efficiency of any chemically inert gas which does not interfere with 

the study of the reaction may be determined. Such efficiencies are 

expressed on a ‘ pressure for pressure ’ basis. It has been found 

more illuminating to express them on a ‘ collision for collision ’ 

scale which may be simply done if the kinetic theory collision 

diameters have been measured or can be estimated. It is sufficient 

that a self-consistent set of diameters be selected, for all the values 

are relative. The efficiencies which have been measured in this 
way are listed in Table 2.2. 
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Table 2.2. The Relative Efficiencies of Various Gases in Transferring Energy 

The efficiencies, which have been obtained from the study of unimolecular 

reactions, are expressed in terms of collision /collision 


Unimolecular 

Reaction of: 

Cyclo- 

propane 

! Cyclo- 
butane 

Azo- 
me thane 

' Nitrogen 
! pentoxide 

Fluorine 
■ dioxide 

Fluorine 

monoxide 

Nitrous 

oxide 

Temperature °G 

492 

448 

310 

1 

50-5 

j -37 

250 

653 

Reacting molecule 

TOO 

1-00 

TOO 

TOO 

TOO 

TOO 

TOO 

Helium 

0-05 

0-07 

0-07 

0*07 

0-07 

0-40 

0-66 

Neon 

— 

0-12 

— 

0-09 


I 

0-47 

Argon 

0-07 

0-21 

— 

0-15 

0-40 

0-82 

0-20 

Krypton 

— 

— 


0-21 


— 

0-18 

Xenon 



— 

0-19 

— 



Hydrogen 

0-12 

0-10 

— 

— 




Nitrogen 

0-07 

0-21 

0*21 

0-23 

0-21 

1-01 

0-24 

Oxygen 

— 




1-2 

M3 

0-23 

Fluorine 

— 


— 

- 

0-33 

M3 

— 

Carbon monoxide 

008 


0-13 


■ 


— 

Nitric oxide 

— 



0-30 


— 

— 

Water 

0*74 

0-44 

0-46 

— 


— 

1-5 

Carbon dioxide 


_ 

0-25 

0-39 

0-45 


1-3 

Methane 

0-24 

0-38 

0-20 


— 


— 

Benzotrifluoride 

0-75 

0-85 

— 


— 


— 

Toluene 

M0 

M2 




— 

— 

Mesitylene 

0-89 

1*23 

' 

— 

__ 1 


— 

Sulphur hexafluoride 

— 

— 


0-44 

— 

— 

— 

References 

23 

29 

88 

89, 90 

48 

81 

91,92 


The results obtained with ryc/opropane and ^yr/obutane are the 
most extensive and reliable ; any discussion should be based on 
them. The results with nitrogen pentoxide are also reliable, but 
the range of additives is somewhat restricted by the extreme re¬ 
activity of the oxides of nitrogen. However, it may be seen that, if 
allowance is made for the considerable experimental errors, the 
figures as a whole form a regular pattern. The close parallelism 
of the azomethane results with those on the cyclanes is most remark¬ 
able. In general, it appears that the efficiency of energy transfer 
increases with increasing complexity of the molecule, but that a 
maximum efficiency is soon reached beyond which no further 
increase occurs for still more complex molecules. This suggests, 
though it certainly does not prove, that all the more complex 
molecules have approximately unit collision efficiency. Therefore 
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the assumption made in the derivation of the theories of unimo- 
lecular reactions, that the reactant molecules of moderate complexity 
exchange energy on every kinetic theory collision, is probably 
correct. 

Because an activated diatomic molecule has, on the average, a 
lifetime of 10~ 13 sec, corresponding to one period of vibration, and 
the number of collisions made by a molecule in one second in a gas 
at one atmosphere pressure is 10 9 , the unimolecular decomposition 
of a diatomic molecule can only be observed in the second-order 
region. As it happens, it is invariably more convenient to measure 
the rate of formation rather than the rate of dissociation. All the 
more reliable work on these reactions has been concerned with the 
rate of combination of iodine and bromine atoms, though numerous 
attempts have been made to investigate other systems. 

In both of the successful methods, halogen atoms were produced 
by the photolytic dissociation of molecules and the concentrations 
of halogen molecules were determined by light absorption. The 
methods are simple in principle but the experiments are difficult 
to perform. 

The rate constant of reaction 1 

x + x + m = x 2 + m, .... (1 ) 

where X 2 is a halogen molecule and M is a molecule of a chemically 
inert gas, was first determined by a steady state method. It will 
be described in the form used for the study of the combination of 
iodine atoms ; the procedure for studying bromine atoms is almost 
identical. A schematic diagram of the apparatus is given in 
Figure 2.10 (a). Iodine vapour at a pressure of about 0-15 mm is 
contained in the cell together with a convenient pressure of M. An 
analysing light beam passes through the cell and falls on a photocell 
which records the absolute light absorption. The amount of light 
absorbed is approximately proportional to the concentration of 
iodine molecules. This photocell is coupled to a second photocell 
which is activated by a beam of light which does not pass through 
the cell, but which comes from the same light source. In this way 
small variations in the light absorption, due to changes in the 
molecular concentration, may be measured. When the shutter is 
opened light falls on the cell and reversibly dissociates some of the 
iodine molecules into atoms. In the steady state, 

labs = *![M] [I] 2, 

where I abs is the number of quanta, capable of dissociating iodine 
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molecules, that are absorbed in 1 c.c. per second. Now the concen¬ 
tration of iodine atoms is twice the decrease in the concentration of 
iodine molecules when the light is admitted. The amount of light 
absorbed, I a5s , may be found in separate experiments. From these 
two measurements k\ may be calculated. The experiments are 
difficult to perform ; the atomic concentrations are very low because 
no steady light source has yet been developed which will raise I abs 


Cor bon arc 



Cb) Cathode raj 

oscillograph 


Figure 2.10. Apparatus for the study of the rate of combination of halogen atoms. 
(a) Steady state technique; (b) dynamic technique. F filter; G galvanometer to 
record changes in the light falling on the coupled photocells; L analysing light sources; 
M microammeter for absolute measurement of light absorption; and P photocells or 
photomultiplier tubes. 

above lO 1 ^ quanta c.c. - * sec _ b It might seem from the equation 
that this difficulty could be avoided by working at very low concen¬ 
trations of M, but this is not so, for at low concentrations of M the 
atoms combine on the walls. Moreover when the pressure of gas 
is low, the heat released when the iodine atoms combine is not 
conducted away and thermal gradients within the cell complicate 
the measurements of concentrations. Consequently meaningful 
results can only be obtained at pressures above 100 mm of most 
additives, when only about 1 per cent of the iodine molecules are 
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dissociated. This corresponds to a change of only 0* 1 per cent in 
the intensity of the light falling on the photocell. With the aid of 
the balanced photocells this change may be measured to approxi¬ 
mately di 1 per cent. The rate constants which have been measured 
by this method are given in Table 2.3. 


Table 2.3. The Rate of Combination of Halogen Atoms in the Presence of 

Various Gases 

X + X-f M = X 2 + M . 

— d[X]/d/ = k\ [X]2 [M], — d[X 2 ]/d* = A:_ 1 [X 2 ] [M] 

A:_i = A-\ exp (— E—\/RT) where E_\ — 35*5 kcal 


Units : k\, mole -2 c.c. 2 sec -1 X 10~ 15 , A_\ mole - 1 c.c. sec -1 X 10 - 16 


Constant 

k \ 1 

k \ 

k\ 

1 kl 

A ~i 

k i 

k\ 

Halogen 1 

Br 2 

I 2 

I 2 

I 2 

h 

I 2 

! 

Temperature °C 

20 

20 

20 

127 

20 

20 

25 

Reference 

96 

97 

95 

95 

95 

94 

93 

M 








Helium 

2*7 

6-5 

3-4 

1-7 

3-1 

6-3 


Neon 

— 

— 

3-6 

— 

3-3 

6-7 

— 

Argon 

4-7 

13 

7-2 

2-8 

6-5 

8-8 

8-4 

Krypton 


— 

— 


— 

12 

—. 

Xenon 

— 

— 

— 



12 


Hydrogen 

80 

14 

9*5 

- — 

8-6 

— 

— 

Nitrogen 

9- 1 

24 

9-0 

3-6 

8*2 



Oxygen 

12 

38 

13 

— 

12 



Carbon dioxide 

20 

65 

27 

11 

24 


_ 

Methane 

i 13 

44 

18 

— 

16 


_ 

Benzene 

— 

360 

175 

56 

154 

i , 


n -Pentane 

i 

1 

— 

94 


85 


130 

2,2-Dimethyl pro pane 


— 

87 

— 

78 


116 

Cyclohexane 


— 

108 

47 

97 


— 


Other values of k\ for iodine at 20°C determined by Russell and Simonses. 


Propane 

61 

p -Xylene 

660 

Carbon tetrachloride 

102 

Cyclopropane 

79 

Mesitylene 

810 

Ethyl chloride 

95 

Ethylene 

34 

Water 

99 

Ethyl bromide 

160 

Tetrafluorethylene 

42 

Methanol 

130 

Ethyl iodide 

500 

Benzo trifluoride 

175 

Dimethyl ether 

124 

Toluene 

• 

420 

Methylene dichloride 

95 




87 




THE THEORIES OF CHEMICAL KINETICS 

When high-intensity Hash tubes were developed with which large 
concentrations of atoms could be produced, the dynamic study of 
atomic recombination became possible. This was so readily 
apparent that three groups of investigators independently used 
almost identical apparatus to measure the rate of the combination 
of iodine atoms 9 T95 # A schematic diagram of a typical apparatus 
is shown in Figure 2.10 (b). The mixture of iodine vapour at 0 • 1 mm 
and of M is irradiated by a light pulse from the flash tube lasting 
about 1 msec. As much as 20 per cent of the iodine molecules 
may be dissociated, corresponding to a change of 3 per cent in the 
intensity of the light falling on the photomultiplier tube. The out¬ 
put from the photomultiplier is fed through a d.c. amplifier on to 
the Y-plates of a cathode ray oscillograph. The X-plates are 
coupled to the trigger mechanism, that fires the flash tube, and to a 
crystal oscillator circuit, which provides a time base. The trace on 
the screen of the oscillograph corresponds to the re-establishment 
of the original concentration of molecular iodine, a process which is 
complete in 20 msec. The photograph of this trace is a plot of 
concentration as a function of time for a second-order reaction ; 
from it the second-order rate constant may be derived in the usual 
way by measuring the slope of the straight line obtained by plotting 
1 /[I] as a function of the time. The rate constants obtained by 
this method are also given in Table 2.3. 

As far as they go, the rate constants found by the dynamic method 
are in satisfactory agreement, whereas those obtained by the steady 
state method seem to be uniformly greater by about a factor of two. 
That such a discrepancy should exist is not surprising, for a large 
number of difficult calibrations have to be made in the steady state 
experiments and errors in these calibrations naturally give rise to a 
systematic error in the final results. The agreement between the 
relative rate constants obtained by Russell and Simons 95 and by 
Rabinowitch and Wood 97 is remarkably good and we may have 
considerable confidence that they are correct. 

Christie, Norrish and Porter 94 have reviewed most of the attempts 
which have been made to explain the findings of Rabinowitch and 
Wood. Quantitative treatments of the rare gas reactions have been 
suggested which yield calculated rate constants in reasonable agree¬ 
ment with the experimental results. The very high efficiency of 
benzene has been explained by postulating the existence of com¬ 
plexes between the iodine atoms and the benzene molecules. This 
would increase the length of time that, on an average, the iodine 
atoms spend within the sphere of influence of a benzene molecule 
and hence would increase the effective collision diameter. The 
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idea seemed probable because it is widely accepted that benzene 
and many other molecules form complexes with molecular iodine 
in solution. However the much more extensive results of Russell 
and Simons do not support such an explanation. In the first place, 
it is found that many molecules such as ryc/ohexane and ethyl iodide 
have efficiencies of the same order as benzene but do not yield 
complexes in solution. In the second place, the temperature co¬ 
efficients of the rate constants for the inert gases, for ryc/ohexane 
and for benzene are all the same and correspond to negative activa¬ 
tion energies of — 2 -0 ± 0*25 kcal. The difference in the efficiencies 
of argon and benzene would correspond to a difference in complex 
stability of the order of 2 kcal, so the explanation must be rejected. 

Russell and Simons have found a roughly linear relation between 
the logarithms of the rate constants for the reactions and the boiling 
points of the additives, M. This indicates that a rate constant 
depends largely on the magnitude of the intermolecular force field 
of the molecule involved, of which the boiling point is a rough and 
ready measure ; similar relations may be obtained with related 
quantities such as the critical temperatures or the ionization 
potentials. Plausible explanations can be suggested for the more 
pronounced divergencies from these simple relations. We must, 
therefore, conclude that the perturbing field which governs the 
rate of the reaction is of the van der Waals’ type and is not a specific 
interaction such as plays a part in complex formation. 

It is sometimes more convenient to regard termolecular associa¬ 
tion reactions as bimolecular dissociations. Accordingly values for 
the rate constants of dissociation have been calculated ; the A-i 
factors are given in the sixth column of Table 2.3. The values are 
based on the assumption that £j = 0 kcal ; had they been based 
upon Ei = — 2-0 kcal they would be uniformly lower by a factor of 
30. It can be seen that the A factors are generally far larger than 
would be expected for bimolecular reactions, irrespective of which 
value is selected, even allowing for the fact that free rotation probably 
occurs in the transition state. It is not yet understood why this is so. 

It is in principle possible to estimate the rate of combination 
of bromine atoms from studies of bromination reactions. The 
mechanisms of these reactions and the methods by which they are 
investigated are discussed in section 4.1. In thermal bromination 
reactions, the steady state concentration of bromine atoms is 
A~ 2 _1 /2 [Br 2 ] f' 2 , whereas in photochemical reactions the concentra¬ 
tion is a(I abs //: 2 [A/]) 1 2 where a is an apparatus constant which can 
be determined. 


Br + Br -f- M = Br 2 -f- M 
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Hence, by comparison of the thermal and photochemical 
reaction rates k 2 may be determined provided that M, which 
may or may not be a reactant, is present in such quantities that 
other third bodies can be neglected. The values of k 2 found by 
Hilfeeding and Steiner 9 ** for a number of gases from studies of 
the hydrogen-bromine reaction are undoubtedly of the correct 
order of magnitude. Unfortunately the relative values are not in 
good agreement with those similarly obtained by Ritchie" whose 
relative values agree fairly well with those of Rabinowitch and 
Wood. Again, although Kistiakowsky and Van Artsdalen 100 found 
k 2 (methane)/£ 2 (hydrogen) = 1*6 which is reasonable, they found 
k 2 (methyl bromide) /£ 2 (hydrogen) = 1*2 which seems very low. 
Finally, £ 2 («C 0 pentane) /A: 2 (hydrogen) has been reported 101 to have 
the improbably high value of 175 ; however the results of this study 
appear unusual on several counts. In conclusion, it may be said 
that this method, which is basically sound, sometimes seems to 
yield unreliable results for no apparent reason. 

Despite numerous attempts, no accurate values of the rate con¬ 
stants for the combination of hydrogen, oxygen and chlorine atoms 
have yet been determined. All that is known for certain is that 
these rate constants are of the same order of magnitude as those 
found for the combination of bromine and iodine atoms. Accurate 
values may be obtained in the future. Before long much more 
extensive investigations of the combination of bromine atoms should 
be made by the flash technique, although there are some technical 
difliculties owing to the fact that bromine has a lower extinction 
coefficient than iodine. 

Much work has been done on the transfer of energy between 
molecules in systems in which chemical reactions do not occur. 
Since the publication of a masterly review of this subject by Massey 
and Burhop 102 in 1952 comparatively little new work has been 
reported. The most relevant new work deals with the study of 
vibration-translation energy transfer both by the ultrasonic 103 and 
impact-tube 104 methods and with rotation-translation energy trans¬ 
fer 1 °5-l07 a t very high equivalent ultrasonic frequencies. The latter 
studies are possible since improved transducer mountings have been 
developed. The conclusions which may be drawn from the work 
in non-reacting systems may be summarized as follows : 

The transfer of energy between rotational and translational 
degrees of freedom is an efficient process. Some three hundred gas 
kinetic collisions are sufficient for the transfer of rotational energy 
from the hydrogen molecule, twenty for the transfer from a nitrogen 
molecule and presumably fewer still when the transfer is from 
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heavier and more complex molecules. These figures set a lower limit 
on the rate of transfer of rotational energy between two molecules. 

The rate of transfer of energy between vibrational and trans¬ 
lational degrees of freedom is often a comparatively slow process 
when the molecules are small and the oscillators are either in the 
ground state or the first vibrational level. Since the quantum of 
vibrational energy is approximately equal to kT for most oscillators 
at temperatures at which these investigations are possible, the vast 
preponderance of the modes of vibration of all molecules will either 
be unexcited or will be in the first vibrational level. As both the 
ultrasonic and impact tube methods of studying energy transfer 
measure the bulk properties of the gas, it is the rate of transfer of 
energy to or from the first vibrational levels which is determined. 
It has been found that this transfer only occurs on one collision in 
10 7 for pure nitrogen, one collision in 86,000 for carbon dioxide, 
and one collision in 12,000 for nitrous oxide. But larger molecules 
require fewer collisions, for example carbon tetrafluoride 6,000, 
ethylene 2,000, benzene 400, and ethane 50. A rough and ready 
rule is that the lower the lowest vibrational frequency in the mole¬ 
cule the fewer the collisions which will be necessary. Some rather 
striking quantitative relationships have been found ; thus the 
logarithm of the number of collisions needed to transfer vibrational 
energy from a methyl halide is a linear function of the lowest 
vibrational frequency in the halide 103 . All these findings are in 
keeping with theoretical expectations. 

Unfortunately no satisfactory theoretical explanation has yet 
been proposed for the most striking phenomenon revealed by these 
investigations, namely that the rate of energy transfer is very 
markedly altered by the presence of small quantities of impurities. 
Thus although on the average 86,000 collisions occur between two 
carbon dioxide molecules before a transfer of vibrational energy 
takes place, only 215 collisions of a carbon dioxide molecule with 
hydrogen or 17 collisions with water are necessary. It has been 
suggested that molecules should transfer energy readily if there is 
some chemical affinity between them. As the idea of chemical 
affinity is not well defined it is difficult to say if this is true or not, 
though it is certain that the term ‘ chemical affinity ’ must imply 
something other than normal reactivity. The greater ease of 
energy transfer between these molecules would be understandable 
in terms of current theory if some unusual attraction did exist 
between them. 

One other discovery of general interest has resulted from these 
studies. It is that for each molecule there is one characteristic 
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collision efficiency and one only for the transfer of vibrational energy 
to or from the molecule. On the average, several of the modes of 
vibration are excited, but repeated attempts to detect different 
rates of transfer of energy from different modes of vibration have 
consistently failed. When different rates have been reported it has 
later been shown that the experimental data were misinterpreted, 
usually because incorrect allowances were made for the imperfec¬ 
tion of the gases 1 08-111. Hence we must conclude, that in an 
effective ’ collision complete equilibrium is established between the 
translational and all the vibrational degrees of freedom in a time 
that is short in comparison with the duration of the collision, which 
is probably of the order of 10~ 13 sec. 

As has already been remarked, these studies are concerned with 
molecules containing energy of the order of a few kT so there is no 
reason to expect that their behaviour would closely parallel that oi 
reacting molecules, which usually have an energy content of the 
order of 40 kT. In any system there will always be a preponderance 
of molecules with low energy contents. If the more energetic 
molecules are to be studied, some means of distinguishing them 
must be devised. If they react this means is ready to hand ; the 
deductions which have been made from the observations have 
already been described. The only other approach which has 
proved successful is the study of electronically excited diatomic 
molecules. If monochromatic light of a suitable wavelength is 
absorbed by a diatomic molecule it may be raised to a particular 
vibrational level of its electronically excited state. Thus if iodine 
vapour is illuminated with green light from a mercury arc (wave¬ 
length 5461 A) electronically excited iodine molecules in the 
twenty-sixth vibrational level are exclusively produced. The life¬ 
time of the excited iodine molecule is roughly known. Hence it 
is possible to calculate the number of collisions that a typical 
molecule makes with any gases that may be present before it returns 
to the ground state. The number of molecules in each vibrational 
level at the end of the life-period can be found from studies of the 
fluorescence spectra. Therefore the average number of vibrational 
quanta removed on each collision can be found. The rare gases * 
and nitrogen are all very efficient; they have effective collision 
diameters several times their kinetic-theory diameters 112 * 113 . On 
the other hand Dwyer 114 found, also by a spectroscopic method, 
that 7,000 collisions of two iodine molecules were required to 
transfer energy from the first vibrational level. Durand 115 has made 
rather similar studies on excited sulphur molecules in the eighth 
vibrational level, which corresponds to about one-quarter of the 
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dissociation energy. He found that approximately every kinetic- 
theory collision of an S 2 molecule with a rare gas atom was effective. 
These results which depend upon assumed lifetimes for the excited 
states of iodine and sulphur may be somewhat in error, but they 
provide evidence that the higher the vibrational level which a mole¬ 
cule is in, the more readily will the transfer of energy take place. 
Therefore energy will probably be transferred from an activated 
molecule on every kinetic-theory collision. This conclusion satis¬ 
factorily supports our interpretation of the behaviour of reacting 
systems. 
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UNIMOLECULAR DECOMPOSITIONS AND 
BIMOLECULAR COMBINATIONS 

All the known organic and very many inorganic compounds 
decompose at temperatures at which quartz does not melt or 
devitrify and which may readily be attained in an electric furnace 

thT C t A W r S natural , that > once an interest had been aroused in 
he study of gas reactions, thermal decompositions should be in- 

tens.vely investigated. Indeed far more thermal decompositions 

have been studied than any other type of gas reaction. However 

mkTn ? the earl J er investigations were inadequate. The changes 
i g p ace in the reaction vessel were frequently followed bv 
measurement of the variation of pressure alone. In the twenties 
and early thirties a completely detailed study of the products was 
often not practicable because the necessary micro-analytical methods 
had not then been developed or the equipment was not generally 
available. If full analyses of the products formed in all thf decom- 

s rLilt iH p ? rm f’ the pro§ress might have been mo ^ 

cerum but t would have been painfully slow. As it was manv 

m be 6 f^ 5 3 t° Ut tHermal decompositions which are now considered 
o be of great importance were rapidly established on the basis of 
evidence which in retrospect seems unsatisfactory. We have not 
sufficient space to treat the subject historically and the early evidence 
must be passed over so that the results, which are nS considered 
to be well established, can be treated more fill I v a j- i 

ie betCd , W oVe h :r ““fNreacts"® hi* 

th * T? Ved to be elementary decompositions of normal molecules • 

r r 

O • ^ 
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decompositions which are not elementary but are the over-all result 
of a chain of elementary reactions. 

3.1 Radical Elimination Reactions and the 

Combination of Radicals 

Radical Elimination Reactions 

Radical elimination reactions 1 and the converse radical combina¬ 
tions — 1 are the simplest possible chemical reactions, for they only 
involve the rupture or formation of a single chemical bond. 

RR' = R + R' .... (1) 

Because convenient sources of free radicals are rare, few radical 
combinations have been studied. On the other hand the great 
majority of compounds will decompose partially into free radicals 
if they are heated to sufficiently high temperatures. Nevertheless, 
the number of rate constants of radical elimination reactions which 
have been reliably determined is not very large because of the 
difficulty of isolating the fission process from all the consecutive 
reactions. As yet no trustworthy measurements have been made 
of the rate constants of a balanced pair of reactions of types 1 
and — 1. 

Because these reactions are formally very simple, it has been 
hoped that they would prove peculiarly amenable to theoretical 
treatment. This hope has been a great stimulus to workers in gas 
kinetics who have devoted much attention to the reactions in order 
to test the theories outlined in Chapter 2. A second stimulus has 
been the desire to use the kinetic method to determine bond dissocia¬ 
tion energies, which are of great intrinsic interest. As we have 
seen, the dissociation energy of the R—R' bond which is defined as 
the heat of reaction 1 at the absolute zero can be found from the 
approximate equality 

Z)(R—R') = E l — E—\. 

Usually the activation energy of the dissociation reaction only is 
determined and the reasonable assumption is made that the 
combination of free radicals at high pressures has no activation 
energy ; this assumption may be justified by theoretical arguments 
and by some direct, and much indirect, experimental evidence. 
For convenience we will consider the decompositions before the 
combination reactions. 

Any compound which can be readily synthesized under ordinary 
conditions must necessarily be heated to quite high temperatures 
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before it will decompose. The radical products from the initial 
decomposition are highly reactive and generally will attack the 
umeacted parent compound, which is the substance present in the 
greatest concentration. In this way side reactions occur. Conse¬ 
quently the rate of disappearance of the parent compound and the 
total pressure change in the system are not satisfactory measures of 
t le rate of the initial split. Only if the radicals have unusually 
convenient chemical properties can the rate constant, k u be de- 
termmed by the simplest possible method of measuring the rate 

of disappearance of the original material contained in a heated 
bulb. 

An example of a reaction which has been studied in the simplest 

way is the decomposition of di-/-butyl peroxidel which decomposes 

at a convenient rate at temperatures between 120° and 170° C 

The mechanism has been shown by analysis of the products to 
approximate to : 


(CH 3 ) 3 CO—OC(CH 3 ) 3 = 2(CH 3 ) 3 CO 

(CH 3 ) 3 CO = CH 3 + CHjCOCH, 
2CH, = C 2 H 6 . 

A few of the methyl radicals formed (caAO per cent) 
reactions 5 and 6 ' 1 


( 2 ) 

(3) 

(4) 


disappear by 


CH 3 + RH = CH 4 + R 
CH 3 + R = RCH, 


• • 


( 6 ) 

where RH is either di-t-butyl peroxide or the products ethane or 
acetone. Despite these alternatives, the stoichiometry of the re¬ 
action is such that the pressure in the system, when the reaction is 
complete, should always be three times the initial pressure How 
ever when the reaction was followed by measurement of the change 
in pressure in a closed system, it was found that the ratio of the final 
pressure to the initial pressure was 2 -88. The rate constants were 

2fl CU 88 bef Y a ° thC ° bserved Pressure changes by 

2/1 88 before fitting them to the usual first-order equations The 

eason for this discrepancy has not yet been established Never! 
theless the rate constants appear to be reliable, for as can be seen 
from Table 3.1, they are in excellent agreement with the results of 
other studies in which the reaction was followed by analysis of the 
P'oduco formed bo.h in „a.ic and in fl„„ « y!tems y . “uSemom 

can be seen that the presence of other gases such as toluene 2 or 
ketones3.4 does not affect the rate of the r( f action _ as t0luene2 or 
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Table 3.1. The Thermal Decompositions of Alkyl Peroxides 


Compound 

Method 

I 

Added gas 

log A 
sec -1 

E 

kcal 

M- 

Diethyl peroxide 

Static 

none 

13-0 

31-5 

5 


Static 

various 

12-6 

30 

7 

I 


Static 

none 

12-7 

30-5 

8 


Flow 

toluene 

13-3 

31*7 

9 

Di-n-propyl peroxide 

Static 

none 

15*3 

36-5 

6 

Di-t-butyl peroxide 

Static 

none 

16-5 

39-1 

1 


Static 

toluene 

13-6 

34 

2 


Static 

acetone i 

150 

37 

3 


Static 

none 

16-3 

38-6 

4 


Static 

acetone 

16-8 

39-5 

4 


Static 

diethyl ketone 

16-8 

39*5 

4 


Flow 

toluene 

14*8 

36 

2 


Flow* 

1 

1 

15-8 

1 

38 

10 


* This is a composite result of work recorded in references 10, 1 and 2. 


The decompositions of diethyl peroxide 5 and of di-/z-propyl 
peroxide 6 have also been studied in static systems. The products 
were not completely analysed but it seems clear that the first 
decomposition proceeds mainly as follows 


C 2 H502C 2 H 5 -> CH 3 CHO + c 2 h 5 oh 

I 

ch 4 + CO 


Initial pressure 
Final pressure 


= 2-17, 


and the second mainly as 


C 3 H 7 0 2 C 3 H7 -» C 2 H 5 CHO + C 3 H 7 OH 

I 

CO hydrocarbon 


Final pressure 
Initial pressure 


2*50. 


These investigations were not as complete as those of di-/-butyl 
peroxide, but it is probable that in each case the rate-determining 
step is the fission of the O—O bond and that the activation energy 
corresponds to the strength of that bond. 

There has been wide acceptance of the results given in Table 3.2, 
on the homogeneous and approximately first-order decompositions 
of the alkyl nitrates at temperatures between 170° and 230° C which 
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were obtained by measurements of the change in pressure in a heated 
bulb containing the nitrite. The mechanism was thought to be 16 : 


RCH 2 ONO = RCH 2 0 + NO 
RCH 2 0 + RCH 2 ONO = RCH 2 OH + RCHONO . 

RCHONO = RCHO+ NO. 


( 7 ) 

( 8 ) 
( 9 ) 


This predicts a pressure increase of 100 per cent that is only attained 
in two of the decompositions. No complete analyses of the products 
have been made but some facts are known : aldehydes have been 
detected ; the principal non-condensable gas is nitric oxide ; the 
decomposition of 2-octyl nitrite in solution yields 2-octanol, 2- 
octanone and nitric oxide in equal quantities together with rather 


Table 3.2. The Thermal Decompositions of the Alkyl Nitrites 


Compound 

Over-all pressure 
increase 

log A E 

sec-l kcal 

Ref. 

CH 3 ONO 

82% 

13-3 36 

1 1 

C 2 H 5 ONO 

86% 

14-2 38 

12 

c 3 h,ono 

100% 

14-5 38 

13 

(CH,)jCHONO 

100% 

14-2 37 

14 

C 4 H 9 ONO 

65-85% 

14? 36? 

_ 

15 


smaller amounts of nitrogen* T The mechanism written above 
requires that * 8 [RCH 2 ONO] §> A_ 7 [NO], but studies of the de¬ 
composition of diethyl peroxide, yielding C 2 H s O radicals, in the 
presence of ethyl nitrite and nitric oxide* 8 have shown that this 
inequality does not hold. As an alternative we may suppose that 

the alcohols and oxo-compounds are formed by the disproportion- 
ation reaction 10 

2RCH 2 0 = RCH 2 OH + RCHO .... (10) 

which may have no activation energy. Then, after appreciable 
concentrations of nitric oxide have been built up the rate constant 
lor the decomposition will tend to the value k = k i0 K 7 2 /[NOT2 f or 
a mechanism corresponding to a pre-equilibrium (7) followed bv 
reaction 10. However no slowing down of the reactions with time 
such as this mechanism would predict, has been observed. Further! 
more the study of the decomposition of methyl nitrite over a very 
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wide range of pressures^. 20 does not support the pre-equilibrium 
mechanism. Clearly more work must be done on these reactions \ 
in paiticular the products of the gaseous decompositions should be 
fully analysed. In the meantime, the values of A and E which are 
plausible thermochemically should be accepted with reserve. 

The thermal decompositions of a number of nitrates 2 b 22 and 
nitro-paraffins 2 3. 24 have been studied, chiefly in static systems. 
Much of the work was carried out in connection with explosive 
research in wartime and has not been published in full. The 
systems seem to be so complex that the studies add little to our 
knowledge of elementary reactions. 

If the concentrations of the reactants and products of a radical 
elimination reaction are kept very low, the attack of the radicals 
on them will be slight, but the analytical difficulties are increased. 
The use of a flow system offers a way out of this dilemma, for in it 
the concentrations are very low and yet considerable quantities of 
products may be collected. The experimental methods for studying 
radical elimination reactions in flow apparatus may be divided 
into three classes : first, the radicals are detected and removed by 
metallic mirrors ; second, the side reactions are unimportant solely 
because the concentrations of reactants are low ; and third, toluene 
is used to remove the active radicals in the gas phase. In all flow 
experiments the proportion of the reactant decomposing in the 
reaction vessel is determined from measurements of the amount of 
the substance introduced into the system and of the amounts of 
products formed. The average time which a molecule spends in 
the reaction zone is calculated from the flow constants of the appa¬ 
ratus. The rate constant of the reaction may then be simply derived 
from these two figures and the usual equations for a first-order 
reaction. The assumption is always made that the rate of diffusion 
is slow compared with the rate of flow, so that there is no mixing 
in the reaction zone 25 . 

Paneth and his co-workers 26. 27 fi rs t demonstrated the existence 
of short-lived alkyl free radicals in a flow system somewhat similar 
to that shown in Figure 3.1 , which represents a later model used 
by Rice and Johnston 2 8. They passed a stream of hydrogen at 
1-2 mm pressure, saturated with, say, the vapour of tetraethyl 
lead, down the tube. When the tube was heated the alkyl decom¬ 
posed and a lead mirror was deposited where the heat was applied. 
When the heat was applied up-stream the alkyl again decomposed 
and the decomposition products were found to remove the original 
mirror as they flowed past ; subsequently the products formed by 
the removal of the mirror were shown to be metallic alkyls. These 

102 



3.1 RADICAL ELIMINATION REACTIONS 

findings are excellent evidence for the existence of free radicals. 
The method remains one of the most sensitive for the detection of 
radicals in pyrolyses. Paneth did not make many quantitative 
determinations of the rate of mirror-removal, but it is clear that if 
every radical formed subsequently reacted with the mirror the rate 
of mirror removal would be a measure of the rate of formation of 
radicals and hence of the rate of decomposition of the compound 
that was pyrolysed. The rate at which the mirror is removed 
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Figure 3.1. The mirror technique for the study of pyrolyses. (a) Apparatus; (b) temperature 
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decreases as its distance from the furnace increases, so that the radi¬ 
cals must be disappearing in the gas phase at room temperature 
and/or on the walls of the flow tube. If measurements of the rate 
of removal of standard mirrors at different distances from the furnace 
are made then, by extrapolation, the hypothetical rate of removal of 
a mirror placed at the furnace mouth can be found. Hence, if it is 
assumed that the radicals are not removed in the furnace the relative 
rate offormation of radicals may be estimated. Rice and Johnston28 
measured the temperature coefficients of the relative rates offorma¬ 
tion of radicals from a large number of compounds, principally 
a kanes, amines and ethers. They obtained excellent Arrhenius 
plots and showed by variation of the length of the furnace that the 
temperature profile at the entrance to the furnace closely approached 
the ideal form. They ascribed a probable error of 4 kcal to their 
results, which seems to represent fairly the statistical deviations 
However, most of the reported activation energies are some 6-8 kcal 
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below the values which can now be deduced from the most reliable 
heats of formation of the radicals and molecules. It seems that 
some systematic error was involved which probably arose from 
the difficulty in deciding precisely where the furnace ended29. 30. 

Related to the mirror technique and beset by some of the same 
experimental difficulties is the direct study of pyrolyses with a mass- 
spectrometer. This method was pioneered by Eltenton 31 . It can 
be seen from Figure 3.2, which shows the general experimental lay- 
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meter for the study of thermal 
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out, that the apparatus consists of two functional parts, the reactor, 
which is almost the same size and operates under the same con¬ 
ditions as in the mirror technique, and the analysing mass-spectro¬ 
meter. The two are connected by a pinhole leak drilled through the 
paper-thin quartz thimble which lies in the mouth of the furnace. 
A proportion of the products streams through this leak into the 
ionization chamber of the mass-spectrometer. 

The mass-spectrometer may be used to measure the concentration 
of radicals in the products in two ways, depending upon the acceler¬ 
ating voltage applied to the ionizing beam of electrons. If the 
ionizing beam consists of electrons accelerated in a field of 50 to 70 V, 
as is normal when the mass-spectrometer is used as an analytical 
instrument, positive ions are produced from all the species in the re¬ 
action mixture. If the experiments were conducted at a temperature 
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at which no decomposition took place, the cracking-pattern of 
each long-lived component at the correct partial pressure could be 
separately determined and the contributions of the radicals to the 
heights of the individual ion-peaks could be found by subtraction. 
Now in a kinetic experiment, the quantities of reactants introduced 
into the furnace are known and also, from the mass-spectrometric 
record, the quantities of reactants which emerge unchanged. 
Hence, assuming a material balance, we can find the concentrations 
of the radicals by subtraction. Then provided only a few kinds of 
radical are present their individual cracking patterns may be 
deduced. Unfortunately, it is found from experiments with stable 
substances, such as methane and ethane, that the sensitivity of the 
instrument varies with the temperature of the furnace. Conse¬ 
quently plausible extrapolations of the curves relating temperature 
and sensitivity must be made for the unstable molecules in which 
one is interested. In spite of this it appears that the amount of 
substance decomposed may be measured with fair accuracy. 

The second method of using the mass-spectrometer depends upon 
the fact that if a stable molecule, RH, is bombarded with electrons, 
no ions, R + , will be produced unless the energy of the electrons 
exceeds the sum of the bond strength R—H and the ionization 
potential, I Z (R), of R. On the other hand R ; may be produced 
from R if the energy of the electrons exceeds I Z (R). At intermediate 
electron energies, that is, over a range of about 4 V, R+ ions will be 
formed from a mixture of R and RH in amounts directly proportional 
to the concentration of R. Under the most favourable conditions, 
concentrations so low that the radicals form only 0-0005 per cent 
of the reaction mixture may be detected by this method, which is 
therefore ideal for demonstrating the presence of a particular radical 
in a system. However, because of the difficulties of calibration and 
instrumentation it is not very suitable for the absolute measurement 
of radical concentrations. 

As yet these methods have not been extensively applied, partially 
because of the cost of the equipment. The study of the pyrolysis of 
di-<-butyl peroxide by the first methodio appears to be reliable and 
the results are certainly in excellent agreement with those obtained 
by more conventional methods (Table 3.1). On the other hand 
the results on the pyrolysis of dimethyl mercury are almost certainly 
in error32. 3 3, probably because of an imperfect temperature 
gradient in the furnace. The great advantages of the method are 
the rapidity with which results may be obtained and the ease with 
which the various variables such as temperature and flow rate may 
be varied without interrupting the experiment. 
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The simplest form of flow system has the advantage over a static 
pyrolysis system that side reactions are reduced, because the re- 
actants are at low concentrations. There are also one or two minor 
advantages. For instance, the effective duration of the reaction 
for any one molecule, that is the average time (contact time) that a 
molecule spends in the hot reaction zone, can be, and usually is, of 
the order of one second. Hence the investigation can be conducted 
at high temperatures where heterogeneous reactions are likely to 
be less important. The experimental arrangements are basically 
simple and are often similar to those used in the 4 toluene carrier * 
technique shown in Figure 3.3. The total pressure of gas in the 
reactor is usually between 2 and 15 mm. Much of this may be a 
non-condensable 4 carrier ’ gas such as hydrogen or nitrogen which 
is circulated round and round. The reactant is injected into this 
stream on the inlet side of the furnace and the products are retained 
at the outlet by traps cooled in liquid nitrogen. 

Polanyi with his collaborators Butler and MandeU4-35 made a 
very extensive survey by this method of the pyrolyses of organic 
iodides which decompose into iodine, hydrogen iodide and hydro¬ 
carbon products. The iodide pressures were kept between 0* 1 and 
0*01 mm to reduce the side reactions. The object of the work was 
to determine the activation energies of the reactions 11 and hence 
the R—I bond strengths. The activation energies for the series were 

RI = R + I .... (11) 

deduced, on the assumption that all the A factors were equal to 
10 13 sec -1 , from measurements of the rate constants at low tempera¬ 
tures and short contact times. It would seem reasonable to suppose 
that in such a series of similar compounds this procedure would 
yield rather more accurate values for the differences between the 
various activation energies than for their absolute values. This is 
fortunate as the differences are of greater interest than the absolute 
values. However, the measured temperature coefficients, for the 
rates of decomposition of six compounds do not all agree well with 
the calculated values. Unfortunately the reaction systems are not 
clean : some of the compounds decompose by losing hydrogen 
iodide molecularly, the back reaction of the radical R with iodine 
atoms, — 11, and molecules complicates the kinetics, and sometimes 
reaction 12 occurs. For a more detailed discussion of the difficulties 

RI + HI = RH + I 2 .... (12) 

associated with this type of experiment the reader should refer to 
Szwarc 30 , who has reviewed the published work together with 
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unpublished work carried out in Polanyi’s laboratory by Gowen- 
l°ck, Horrex, Shaw and himself. The over-all trend of the bond 
strengths reported in the original work still seems very reasonable 
though the individual values are not in agreement with more recent 
and presumably more accurate determinations. 

Szwarc^O showed that the method which failed to yield definite 
rate constants for the pyrolyses of the iodides, because neither the 
radical, R, nor the iodine atom were irrevocably removed from the 
reaction, could be fruitfully applied to the study of toluene and 
related compounds. For example, if only a small fraction of the 
toluene entering the reaction vessel is decomposed, its decomposition 
may be represented by the scheme : 


G 6 H 5 GH 3 = C 6 H 5 GH 2 + H 
H + C 6 H 5 GH 3 = C 6 H 5 CH 2 + H 2 
FI + C 6 H 5 CH 3 = C 6 H 6 + CH 3 

ch 3 + c 6 h 5 ch 3 = c 6 h 5 ch 2 + ch 4 


2C 6 H 5 CH 2 = (G 6 H 5 GH 2 ) 2 . 


The scheme is simple, because the reactive hydrogen atoms and 
methyl radicals are rapidly removed by reaction with the over¬ 
whelming preponderance of toluene, and because of the great 
thermal stability and unreactivity of the benzyl radical. The 
dibenzyl can easily be separated out in the analysis system. It is 
found that the number of molecules of dibenzyl is within the experi¬ 
mental error equal to the number of molecules of hydrogen and 
methane, which are produced in the constant proportion of 1 - 5 : 1. 
The pressure of toluene is between 2 and 15 mm so that no carrier 
gas is necessary. Some of the results which Szwarc and his col¬ 
laborators have obtained by this technique are given in Table 3.3. 

The method can only be profitably applied to compounds like 
toluene which fulfil two conditions. First, that they form radicals 
that are considerably stabilized by resonance and hence lose atoms 
or small radical groups fairly readily. Second, that they yield 
radicals that do not readily decompose. No plausible mode of 
decomposition of the benzyl radical which would have a low 
activation energy can be imagined. Although propylene^O satisfies 
the first condition because the reaction 13 has an activation energy 


CH 2 :CHCH 3 = H + CH 2 :CHCH 2 


(13) 


of some 79 kcal, its decomposition cannot be simply studied, because 
the allyl radical can fairly readily decompose into a hydrogen atom 
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and allene. Besides these restrictions the method has some other 
disadvantages. Because the time of contact can only be varied from 
about 0 *2 to 2 seconds and the pressure of reactant from 2 to 20 mm 
and the amount of decomposition must not rise above a few per 
cent, the order of the reaction cannot be determined as rigorously 
as is possible, in favourable cases, in a static system. Furthermore 
the absolute values found for the rate constants may only be accurate 
to a factor of two because of a number of systematic errors, such 
as those involved in determining the effective volume of the reaction 
zone and its effective temperature. However, the relative rate con¬ 
stants, obtained in the same apparatus, from which activation 
energies are calculated, are probably accurate to ± 20 per cent. 


Table 3.3. The Thermal Decomposition of Toluene and of Related Compounds 


C 6 H 5 CH 3 = C 6 H 5 CH 2 + H . . . . (1) 


Compound 

Temperature °C 

log A i sec -1 

E\ kcal 

Ref 

Toluene 

742-864 

13-3 

77-5± 1-3 

36,37 

K 

$ 

i 

0 

730-837 

13-7 

74-8 ± 1-5 

36 

m -Xylene 

740-867 

13*6 

77-1 ± 1-9 

36 

p-Xylene 

745-860 

13-7 

76-2 ± 1-5 

36 

o-, m- and p- 

Fluorotoluene 

804-857 

13-3 a 

78 

38 

cc-Picoline 

780-823 

13-3 a 

75-5 

39 

P- Pico line 

780-823 

13-3 a 

76-5 

39 

y- Picoline 

780-823 

13-3 a 

77-5 

39 


a The A factors for these reactions were assumed to be equal to that for toluene. 


Recently Blades, Blades and Steacie 41 have challenged this 
conclusion. They re-investigated the pyrolysis of toluene by the 
flow method in much smaller reaction vessels than those which were 
used by Szwarc. They found that the rate constants fell off 
markedly if the time of contact were reduced below about 0*3 sec. 
At contact times of 0*07 sec, the activation energy for the rate of 
formation of methane and hydrogen was found to be 90 kcal, 
13 kcal higher than the activation energy reported by Szwarc for 
the decomposition of toluene. Until more work has been done it is 
difficult to assess the significance of these findings. Szwarc selected 
his reaction conditions so that they would be most suitable for the 
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determination of the rate constant of the radical elimination 
reaction. The bond strengths which he has deduced from his 
results, obtained by the simple flow technique, are in excellent 
agreement with the bond strengths estimated by more certain 
methods. It is hard to believe that the kinetic measurements are 



j —" 

reactant 


Figure 3.3. Apparatus for the toluene carrier technique. 

A known amount of toluene is placed in the weighed bulb, A, which is kept at such a 
temperature that the pressure, as measured on the manometer, C, during the run is between 
5 and 20 mm. The reactant is either fed into the toluene stream from system 1 for 
liquid reactants (\V is a weighed bulb kept at an appropriate temperature ) or system II 
for gaseous reactants is a^storage bulb of known volume, T a manometer and X a 
needle valve to control the flow) or, if it is very involatile, is picked up by the toluene 
vapour in the U-tube system III. The rate of flow is controlled by the capillary con¬ 
striction D. After passing through the reaction vessel the products pass first through 
a U-trap in an ice-salt bath, E, which removes the dibenzyl and then through the traps 
I' and G, immersed in liquid nitrogen, which remove all but the non-condensable products. 

These are pumped into the storage volume, H. The products are analysed by standard 
methods. 


seriously incorrect, although the limits of error may be greater than 
was first imagined. 

In order to study radical elimination reactions, which have 
activation energies less than that for the decomposition of toluene 
but which do not satisfy the requirements of the simple flow method 
Szwarc developed a method known as the ‘ toluene carrier ’ technique.’ 
. ® general form of the apparatus used for this method is shown 

in figure 3.3. A good example of the application of the method is 
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the study of the pyrolysis of benzyl bromide 42 which may be repre¬ 
sented by the following reaction scheme : 


C 6 H 5 CH 2 Br = C«H 5 CH 2 + Br slow 

Br + C 6 H 5 CH 3 = C*H 5 CH 2 + HBr fast 

2C 6 H 5 CH 2 = (C 6 H 5 CH 2 ) 2 fast 


As predicted by this scheme, it is found that the amount of dibenzyl 
produced is, within the limits of experimental error, equal to the 
amount of hydrogen bromide. A few per cent of methane and 
hydrogen are also formed, for which no satisfactory explanation 
has yet been given. The presence of the toluene greatly simplifies 
the reaction scheme for it removes the bromine atoms which would 
otherwise attack the benzyl bromide and lead to all manner of side 
reactions. The rate constants for the initial rupture of the carbon 
bromine bond are calculated from the amount of hydrogen bromide 
produced, the amount of benzyl bromide used, the length of the run 
and the contact time, which may be derived from the flow constants 


of the system. 

At low temperatures the toluene may not remove the radicals 
formed with complete efficiency. Thus in the pyrolysis of di-J-butyl 
peroxide 2 , the methyl radicals largely dimerize to ethane because 
this reaction is fast compared with the hydrogen abstraction re¬ 
action. However, even then, the toluene performs its essential 
function of reducing the radical attack on the substrate. 

The toluene carrier technique can be used at temperatures at 
which the toluene itself decomposes to some extent if the products 
are distinctive. Thus it has been found ^ possible to study the 
decomposition of many substituted phenyl bromides 43 in the pres¬ 
ence of toluene by analysis for hydrogen bromide, neglecting the 
considerable quantities of hydrogen and methane produced by the 
decomposition of toluene. The carrier technique has two further 
advantages over the simple flow method. In the first place, the 
pressure of the reactant may be varied over very wide limits from 
0*03 to 3 mm. In the second place, the percentage conversion 
may be varied from 0-1 up to 60 or 70 per cent. The reactions 
are tested for homogeneity by packing the vessel with quartz 
fibre, which must fill the whole volume of the vessel if the test 
is to be valid 44 . A good reason for thinking that the reactions in 
Table 3.4 are homogeneous is the mutual consistency of their rate 

factors. # , 

Szwarc, who invented the toluene carrier technique and has been 

responsible for most of the investigations in which it has been use , 
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Table 3.4. Thermal Decompositions studied by the Toluene Carrier Technique 
R—X indicates that it is the R—X bond which is broken in the initial act 


Compound 


Reactions in which A is normal, 

c 6 h s ch 2 —ch 3 
c 6 h 5 ch 2 —c 2 h 5 
c 6 h 5 ch 2 -c 3 h 7 

C 6 H s CH 2 —Br 

c 6 h 5 ch 2 —nh 2 
c 6 h 5 ch 2 —cooh 

C 6 H 5 CH 2 —OCO.CH 3 
CH 2 CH: CH 2 —CH 3 
CH 2 : CHCH 2 —Br 
C 6 H 5 —Br 
(3 -naphthyl bromide 
a.—naphthyl bromide 
10 -bromophenanthrene 
10 bromoan thracene 

c 2 h 5 o—oc 2 h 5 

a- ethyl-naphthalene 

NH 2 -NH 2 « 

CH 3 NN—CH 3 b 
CH 3 Hg—CH 3 


C 6 H 5 CH 2 —Cl 
C 6 H 5 CH 2 —COCH 3 

c 6 h 5 ch 2 —co 2 c 6 h 5 

CH 3 C 0 —COCH 3 
C 6 H 5 CO—Cl 
n-C 3 H 7 Hg—n-C 3 H 7 b - c 


iperature Range 

°C 

log A 
sec _ i 

E 

kcal 

Ref. 

is, 1011*5 < A 

< 1014-5 

sec - l 


614-745 

13-0 

63-2 

45 

614-743 

12-5 

57-5 

46 

606-701 

14-5 

65 

47 

495-599 

13-0 

50-5 

42 

650-800 

12-8 

: 59 

48 

— 

14-3 

: 66 

49 

— 

14-5 

67 

49 

653-773 

13-0 

61-5 

50 

459-592 

12-7 

47-5 

42 

757-870 

13-3 

70-9 

51,43 

749-860 

13-2 

70-0 

52 

741-860 

13-6 

70-9 

52 

729-852 

13-0 

67-7 

52 

691-789 

13-2 

I 

65-6 

52 

210-245 

13-3 

31-7 

9 

644-766 

13-9 

64-8 

53 

621-784 

12-6 

60 

54 

390-450 

14-2 

46-0 

55 

508-610 

13-5 

51-5 

56 

A > 1014-5 sec 

-l 



649-747 

14-8 

68-0 

57 

570-687 

16-0 

l 

68-2 

53 

635-728 

15-3 

69-0 

58 

553-658 

15-7 

66-0 

53 

698-807 * 

15-4 

73-2 

57 

228-441 

1 

15-6 

39-3 

59 


6 ffS the rate COnStantS ° f these reacti0ns ar0 oa the total pressure 

C SiBQilar fate Constants were found u sing inert gases, in place of toluene, as carriers. 
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Table 3.5. The Variation of the Activation Energies for the Decompositions of 

some Related Compounds 

In calculating these differences in activation energy it has been assumed that 
the A factors for the reactions in each series are constant. 



E kcal 
( parent) 

1 

log A sec“l 
( parent) 

I ATC 6 H 4 CH 2 Br = A'C 6 H 4 CH 2 + Br 

50-5 

13*3 

II ATC 6 H 4 Br = XC 6 H 4 + Br 

70-4 

13-3 

III XTZ CBr = CXYZ + Br 

67-5 rt 

13-3 

IV C 6 H 5 CArCH 3 = C 6 H 5 CAr + ch 3 

In the parent compound X = T = Z — H 

1 

63-0 

I 

13*0 6 


A E = E (parent compound) — E (substituted compound). 


160 

A£kcal 

1143 

A£kcal 

III 61 

AE c kcal 

IV 62 

A E kcal 

o-Cl 

0 - 9 ^ 

o-Cl 

1-5 

! Fj 

3-0 

hch 3 

2-0 

m-Cl 

0-1 

m-Cl 

1-3 

H 2 C1 

6-5 

(ch 3 ) 2 

3-5 

p- Cl 

0-4 

p- Cl 

1-0 

hci 2 

14-0 



m- Br 

0*3 

o-Br 

2-2 

Cl 3 

18-5 



p- Br 

0-3 

p- Br 

0-4 

H 2 Br 

5-0 



o-CH 3 

2 * 0 rf 

t>-CH 3 

M 

HBr 2 

12-0 



m-CH 3 

0-0 

m-CH 3 

0-6 

Br 3 

18-5 



P~ CH 3 

1 • 4 ^ 

a-ch 3 

0-6 


l 



m-N0 2 

2 • \ d 

A-F 

0-8 





p- no 2 

M 

o-CN 

10 


1 I 

1 


m-CN 

1-4* 

m-CN 

1-2 ’ 

• 1 





p- CN 

0-7 j 

p- CN 

o -7 ; 

0 






a This value of the bond dissociation energy was obtained thermochemically and the value of A 
derived from it. 

b The A factors for ethyl benzene, cumene and f-butyl benzene were assumed, on statistical grounds, 
to be lx, 2x and 3x 10 1 * respectively. 

c There are strong indications that the rates of these reactions are determined in part by the rate 
of energy transfer; the results should be accepted with reserve. 

d For these reactions, that is five of the six cases in which A E is as much as 1 kcal, the best straight 
line through the experimental points differs markedly from the theoretical line. This suggests that 
the results call for a more elaborate explanation than has so far been given. 
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was primarily interested in the determination of bond strengths and 
their variation with molecular structure. On several occasions he 
rapidly surveyed the pyrolyses of many related compounds. He 
determined their relative rates of decomposition at a particular 
temperature or at several temperatures. He then assumed that the 
A factor in each series of reactions remained constant and attributed 
the variations in rate to differences in the activation energies, which 
he calculated. Table 3.5 gives the results which he obtained in this 
way. In so far as the variations or absence of variations in the 
bond strengths are reasonable and in accord with other deter¬ 
minations, these results provide evidence that the A factors for a 
series of very similar reactions have a constant value. However 
this constancy has not yet been established beyond all reasonable 
doubt. 

The kinetics of the decomposition of nitrogen tetroxide has been 
the subject of four studies which are of interest not only because of 
the information which they have yielded on this very simple re¬ 
action but also because of the unusual experimental techniques. 
The equilibrium constant, Aj 4 , has been determined^. 64 so that if 
either X; 14 or £_ 14 is known, the other can simply be found. The 

N 2 0 4 = 2N0 2 .... (14) 

most direct method of studying the decomposition is that due to 
Carrington and Davidson 6 ^. A mixture of about 1 per cent of 
tetroxide in nitrogen at about one atmosphere initial pressure was 
contained in a shock tube. After a shock wave had passed the 
pressure in a typical experiment had risen from 750 mm to 1000 mm 
and the temperature had risen from — 27*0° C to — 8-5° C. 
Thereafter it was possible to follow the change in the concentration 
of N0 2 with time until equilibrium was reached, by measuring 
the light absorption of the gas mixture with a photo-multiplier tube 
coupled to an oscilloscope. The shock wave which sets up the 
disequilibrium passes through the analysing light beam in approxi¬ 
mately 3 [xsec, so that processes taking place in a time which is 
long compared with this may be followed. The decomposition is 
complete after about 100 fisec and it is comparatively easy to calcu¬ 
late the rate constant, A: 14 , from the oscilloscope traces representing 
the variation of N0 2 concentration with time. At pressures around 
one atmosphere, the rate constant is almost proportional to the 
total pressure in the system because the rate of energy transfer 
determines the rate of reaction. However at pressures around three 
atmospheres, the dependence of the rate constant on concentration 
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is sufficiently reduced to permit a reasonably accurate estimate of its 
value at infinite pressure : the best value is probably 


which gives 


A'i4oo = 10 16 ' 0 exp (— 


13 100//?7>ec-l, 


^-l4oo — 10 11 ' 7 mole -1 c.c. sec -1 at 25° C 


as the rate constant of the bimolecular association. The association 
probably has little or no activation energy, for A H for the dissoci¬ 
ation is 13*7 kcal. 

Brass and Tolman 66 first determined the rate constant for the 
dissociation. An equilibrium mixture of N0 2 and N2O4 flowed 
with a sudden drop in pressure through a perforated diaphragm. 
In the low-pressure region the degree of dissociation of the tetroxide 
increased and the temperature of the gas stream fell because the 
reaction is endothermic. A series of thermocouples placed in the 
stream measured its temperature at various points. From these 
readings, the dimensions of the apparatus, the heat capacity and 
rate of flow of the gas, and the heat of the reaction, the velocity of 
the decomposition could be estimated. 

Attempts were made to measure the rate of decomposition of 
nitrogen tetroxide acoustically soon after Einstein 67 had worked 
out the theory of the dispersion of sound in a dissociating gas. 
However little progress was made until the ultrasonic techniques 
had been improved to measure the vibrational relaxation times of 
gases*. The basis of the method is as follows : If the half-life for 
the dissociation of the gas is either very long or very short in com¬ 
parison with the period of the acoustical vibration, the sound will 
be transmitted as through a normal gas ; but when the half-life is 
comparable to the period of the vibration, the velocity of the sound 
will vary with its frequency. The rate of the reaction may be 
calculated from observations of the frequencies at which this dis¬ 
persion occurs. However for two reasons the method is not simple 
to apply : in the first place, the corrosive nature of the gas presents 
considerable experimental difficulties ; in the second place, the 
vibrational dispersion region for N0 2 appears to be inconveniently 
close to the dispersion region due to dissociation, so that it is difficult 
to interpret the results unambiguously. 

Another method, known as the impact tube method, of measuring 
the relaxation times of gases has been developed 70 and also has been 
applied to the measurement of the rate of dissociation of nitrogen 

tetroxide 71 "7 3. 

* For two excellent reviews of this subject see references 68 and 69. 
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% 

The rate constants at 25° C which have been found by the four 
different methods are as follows : 



Method 

Composition of Gas Mixture 

k \4 sec -1 Ref 

Shock tube 
Expansion valve 
Ultrasonic 

Impact tube 

750 mm N 2 -f 8 mm N0 2 -f N 2 0 4 
10 mm N0 2 -f- N 2 0 4 

250 mm N0 2 + N 2 0 4 
ca. 400 mm N0 2 + N 2 0 4 

104-8 65 

104-8 66 

104-7 68* 

ca. 105-3 73 


in w he J ou , rnaI °f Chemical Physics for 1933 and 1934 for 
1. Kichards and C. E. leeter on the interpretation of the 


results. 


a 


discussion 


between 


The agreement seems to be satisfactory but it should be remembered 

that little reliance was placed upon the results obtained by the 

expansion valve and ultrasonic techniques until the shock-tube 
measurements were made. 


Radical Combination Reactions 

Ahheiugh many radical combination reactions are known, very few 
of their rate constants have been measured. The dimeric products 
have frequently been identified in systems in which free radicals 
are produced by photolysis or mercury photosensitization at low 
temperatures, for these conditions favour dimerization rather than 
metathesis or decomposition. Innumerable combination reactions 
have been credibly proposed to explain the behaviour of reaction 
systems, under conditions which are unsuitable for the identification 
ol the products. However the real difficulty in determining the rate 
constants of the combinations lies not in measuring the rate of 
formation of the dimers but in determining the concentrations of the 
radical reactants. In gas reactions, other than explosions, the con¬ 
centrations of free radicals rarely rise above 10-iOto 10—12 mo le c c -1 

These concentrations lie far below the limits of sensitivity of ordinary 
analytical methods. Sometimes high transitory concentrations of 
radicab can be generated with light flashes of very high intensity 
and the radicals can be detected spectroscopically. But even when 
this can be done the system may not be very suitable for kinetic 
investigations, because the absorption of the pulse of energy causes 
arge and erratic temperature changes in the system™. The concen 
trations of some radicals can be measured with a mass-spectrometer 
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by the method which has already been described. Then the 
rate constants may be calculated quite straightforwardly from the 
rate of formation of products. The results thus obtained, which will 
be discussed when the particular reactions are considered, are in 
fair agreement with those obtained by better established, though 
less direct, methods. 

The concentrations of radicals, which are below the limits of 
physical detection, may be deduced if the rate at which the radicals 
are released in a system and the mean lifetime of the individual 
radicals can be found. In photolytic systems, the number of radicals 
released may often be determined from measurements of the 
absorbed light intensity and independent determinations of the 
quantum yield. When this is not possible, the number may be 
calculated from measurements of the material from which the 
radicals are derived. Now the lifetime of a radical in a system 
which is convenient for the study of gas kinetics is often of the order 
of 10 msec. If this quantity is to be measured accurately, it must 
be compared with some effect which influences or depends upon 
the radical concentration, varies with time in a predictable manner 
and has a time constant of the same order of magnitude. The rate of 
reaction of a radical may be compared with its rate of diffusion ; 
in a gas at 50 mm pressure a radical will on the average diffuse 
about 5 mm in 10 msec 75 . The lifetimes and hence the concen¬ 
trations of hydrogen atoms have been measured by a method 
which depends upon this principle (see section 5.1). The distance 
travelled by a radical will be increased in a flow system : if the rate 
of flow is 10 msec -1 , a radical will on the average travel 10 cm before 
it reacts. Unfortunately in such systems the pressures must be low 
and wall effects often cause complications. 

The lifetimes of radicals may be found most surely by a com¬ 
parison of their rate of disappearance by reaction with their rate of 
formation by photolysis of their parent molecules, with light whose 
intensity varies with a period roughly equivalent to the lifetime of 
the radicals. In theory this method of intermittent illumination 
may be applied in several ways 76 * 77 but in practice the intensity of 
the illumination is always varied with time. In the usual set-up, 
the beam of actinic light is regularly chopped by a shutter in the 
form of a rotating disc from which sectors have been cut to allow 
the light to pass for a fraction of each rotation. The duration of 
the light and dark periods is adjusted by altering the speed of 
rotation of the sector. The full theory of the method is too lengthy 
to be given here and only the general principles will be described ; 
it is very clearly set out by Melville and Burnett 78 , who give many 
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practical hints and also tables of the functions needed in working 
out the experimental results. 

The method is only suited to the study of reaction systems which 
meet certain requirements : ( a) The reaction train must be initiated 
by a photolytic act in which a constant and known number of 
radicals are released for each quantum of light that is absorbed. 
(b) The vast majority (in practice at least 95 per cent of the radicals 
(or, in the case of polymerizations, radical centres) must be removed 
by an elementary reaction resulting in the destruction of more than 
one radical. Under this condition, the radical concentration in the 
system depends upon a power of the light intensity, under steady 
illumination, lower than the first. I he practically important case 
is that in which two radicals are destroyed simultaneously by com¬ 
bination or disproportionation ; then the radical concentration will 
be proportional to the square root of the light intensity. ( c ) A 
product must be formed in the system, in quantities which can 
be readily determined, by a reaction whose rate depends upon the 
first power of the radical concentration. In polymerizations this 
reaction is the polymerization step itself. 

As an example of a system which fulfils these requirements we 
may consider the reactions consequent upon the photolysis of 
acetone at temperatures above 120° C which may be represented 
by the following scheme 79 : 


GH 3 COCH 3 = 2CH 3 + GO 

2CH 3 = G 2 H 6 . . 

CH 3 + CH 3 GOCH 3 = CH 4 + GH 2 COCH 3 . 
2CH 2 GOCH 3 = (GH 2 COCH 3 ) 2 . . 

ch 3 + ch 2 coch 3 = C 2 H 5 COCH 3 . . 



( 1 ) 

( 2 ) 

(3) 

(4) 


(a) Above 120° C and with light of wavelength of about 2500 A, 

the quantum yield of the primary photolytic act and decomposition 

of the CH 3 CO radical is effectively unity. The formation of carbon 

monoxide provides a convenient internal actinometer. (b) At 

125° G and at a pressure of 50 mm or at 175° C and a pressure of 

10 to 20 mm, some 95 per cent of the methyl radicals released in the 

system are removed by reaction 1 which is the only source of 

ethaneSO, 81 . (*) Reaction 2 serves as a pilot reaction, for the 

amount of methane formed can readily be measured. As only a 

small proportion of the methyl radicals react in this way, very few 
are lost by reaction 4 . 
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If acetone is illuminated through a slowly rotating sector with a 
light : dark ratio of 1 : 3 (which is generally most convenient), the 
radical concentration will vary as shown by curve (i) in Figure 3.4(a). 
When the light is admitted to the reaction vessel, the radical con¬ 
centration begins to rise towards the concentration under steady 



illumination ; when the light is cut off, the radical concentration 
falls back until it closely approaches zero. However, if the sector 
is rotating rapidly the concentration varies in the manner shown 
by curve (ii) : only a small proportion of the radicals have dis¬ 
appeared before the light again enters so that one period of 
illumination reinforces the next. 

Unfortunately these concentration changes cannot be followed 
directly because that would involve the detection of radicals. An 
indirect method must be employed. It can be deduced mathe¬ 
matically that the mean concentration of methyl radicals in the 

118 




3.1 RADICAL ELIMINATION REACTIONS 


acetone system, or of other radicals in formally similar systems, 
varies with the speed of rotation of the sector as is shown in Figure 
3.4 (b). At the low-speed end of the curve the mean concentra¬ 
tion is one-quarter of the value under steady illumination ; the 
rotation is so slow that the system is, in effect, steadily illuminated 
for one-quarter of the duration of the experiment. At the high¬ 
speed end, the rotation is so fast that the sector acts as a filter ; the 
system is, in effect, steadily illuminated by light of one-quarter of 
the full intensity. T he radical concentration is then one-half of 
the value under unchecked illumination, because the concentration 
varies as the square root of the intensity. The rate of production 
of methane is proportional to the concentration of methyl radicals 
for a constant concentration of acetone. In order to determine the 
lifetimes of the methyl radicals under steady illumination, we must 
plot the rate of methane production against the logarithm of the 
length of the light flashes in seconds, for a number of experiments. 
This curve is then shifted along the X-axis until it fits the theoretical 
curve of Figure 3.4 (b). The mean lifetime of the radical in seconds 
is simply related to the distance that the curve had to be shifted ; 
thus if the curve is shifted two logarithmic units the mean lifetime 
of the radical is 0*01 sec. 

Gomer and Kistiakowsky82 have determined the lifetime and 
hence the concentration and rate of combination of methyl radicals 
in the photolyses of acetone and dimethyl mercury by this method. 
The work was carried out very carefully and the reproducibility 
of the results with acetone was excellent. The theoretical basis of 
the method is certainly sound. However, it must be remembered 
that the interpretation of results obtained with the rotating sector 
may be very misleading if an oversimplified reaction scheme has 
been assumed. The neglect of comparatively minor side reactions 
may lead to large errors in the determined rate constants. But the 
photolysis of acetone has been exhaustively investigated and there 
is no reason to suppose that such complications have been over¬ 
looked. Therefore in this book we will accept the value of the rate 
constant, k u determined by Gomer and Kistiakowsky, 

k\ = 1013-6 exp (- 0 ± 700//?T) mole-1 c.c. sec-l. 

The rotating sector technique has also been applied to the investi¬ 
gation of the photolysis of acetaldehydes 3-85. The simple mech¬ 
anism proposed for the photolysis, with the combination of methyl 
radicals as the chain-ending step, was quite suitable for the appli¬ 
cation of the sector technique, but it seems that this mechanism 
is over-simplified86-88 and that although the rate constant obtained 
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was close to that of Gomer and Kistiakowsky, it is of little value as 
corroborative evidence. However their value for the rate constant 
and the very low temperature coefficient have been confirmed by 
experiments carried out in a flow system, using a mass-spectrometer 
to measure the concentrations of methyl radicals and of ethane^. 
Again it would be unwise to place much reliance upon this agree¬ 
ment for the method is new and it has proved difficult to eliminate' 
all the sources of systematic error. 

The rate of combination of ethyl radicals formed by the photo¬ 
lysis of diethyl mercury has also been determined by the rotating 
sector technique 90 . The reaction mechanism is relatively compli¬ 
cated and in the region of 75° to 200° C must be represented by the 
scheme : 

C 2 H 5 HgC 2 H 5 + hv = 2C 2 H 5 + Hg .... 

2C 2 H 5 = C 2 H 4 + C 2 H 6 .... 

2C 2 H 5 = C 4 H 10 .... 

C 2 H 5 + Hg(C 2 H 5 ) 2 = C 2 H 6 + C 2 H 4 + Hg + C 2 H 5 . 

together with the minor reaction, 

H g(G 2 H 5 ) 2 (excited) + Hg(G 2 H 5 ) 2 = C 4 H 10 + Hg + Hg(C 2 H 5 ) 2 . 

.... (9) 

A few points may be noted in connection with the application of 
the sector technique. First, the quantum yield of reaction 5 is 
only 0*65. Second, two reactions, 6 and 7, are responsible for the 
mutual destruction of radicals and hence the lifetime of the radicals 
is effectively determined by a reaction with a rate constant (Jc 6 + k 7 ). 
Third, the products of the pilot reaction 8 need not be separately 
identified for the only necessary information concerns the variation 
of the quantities of ethane and ethylene formed by 8 at different 
sector speeds. The rate of formation of ethane and ethylene from 
reaction 6 relative to the rate of formation of butane, 7, is a constant 
independent of sector speed at any given temperature. Fourth, 
the diethyl mercury absorbs the actinic radiation very strongly so 
that the distribution of radicals in the cell is markedly non-uniform. 

(k 6 + k 7 ) has been calculated both allowing for and neglecting this 
effect ; it has been found that at 150° C: 

^6 + k 7 = 101 . 3*34 mole -1 c.c. sec -1 allowing for non-uniformity and 
k 6 + k 7 = 10 13 ' 36 mole - 1 c.c. sec -1 assuming complete uniformity. 

From the reaction scheme it can be seen that if experiments are 
carried out with various pressures of diethyl mercury and analyses 
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made for the ethane, ethylene and butane produced, the products 
formed by reactions 6 and 7 alone may be found by extrapolating 
to zero pressure (eliminating reaction 8 ). The extrapolated value 
of (C 2 gases)/(C 4 gases) at a given temperature gives the ratio 

In this way the following rate factors have been determined 
on the assumption that the radicals are uniformly distributed 
throughout the reaction vessel : 


Reaction 

E, 

a 

kcal 

b 

log ^.mole 

l a 

1 

-1 c.c. sec -1 

h 

I 

2C 2 H 5 = C 4 H 10 1 (7) 

0 

0-65 

13-2 

14- 1 

2C 2 H 5 = C 2 H 4 + C 2 H 6 (6) 

0-8 

1 *45 

13-2 

13-7 

C 2 H 5 + Hg(C 2 H 5 ) 2 = 





C 2 H 6 + C 2 H 4 + Hg + C 2 H 5 ; (8) J 

6-4 

6-4 

9-7 1 

9- 7 


The figures in the columns headed a are based upon the assumption 
that the combination of ethyl radicals has no energy of activation. 
Those in the columns headed b are based on the assumption that 
the difference between k n and the rate of collision of ethyl radicals, 
according to the kinetic theory of gases, can be entirely attributed 
to E-f. 

The rates of combination of the higher alkyl radicals have not 
been measured both because no convenient radical source is avail¬ 
able and because of the complexity of the disproportionation and 
decomposition reactions. However there is some indirect evidence 9 * 
that propyl radicals also combine on almost every collision. No 
experiments have been made on the rate of combination of two 
different radicals, but it seems reasonable to suppose that methyl 
radicals would combine with rc-propyl radicals at about the same 
rate as ethyl radicals combine with ethyl radicals, because the 
activated complexes must be almost identical. Mandelcorn and 
Steacie 92 have obtained some indirect evidence that the combina¬ 
tions of methyl radicals with acetonyl radicals and of two acetonyl 
radicals also occur on almost every collision. 

The rate of reaction 10 between methyl radicals and nitric oxide 

CH 3 + NO = X .... (10) 

has been measured. The primary products are not known though 
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formaldoxime, ammonia, hydrogen cyanide and carbon monoxide 
have all been detected. It is likely that a single molecule GH 3 NO 
is first formed ; this molecule is presumably unstable under the 
conditions of the experiment and rearranges or decomposes to give 
the observed products. The reaction has been studied from pres¬ 
sures of 100 mm down to 0*2 mm. Since the complex formed in 
the reaction only contains six atoms, it would not be surprising if 
the rate constant were dependent upon the pressure, as appears to 
be the case. 

At high pressures the reaction was studied by photolysing acetone 
or dimethyl mercury in the presence of nitric oxide at room temper¬ 
ature 9 -^ 9 T A very low concentration of nitric oxide was maintained 
by steadily leaking a known quantity of the gas into the reaction 
vessel during the run. After a convenient time, t , the reaction 
mixture was analysed for ethane and nitric oxide. Now 

[C 2 H 6 ] = *,*[CH 3 ]2 

and total NO consumed = £ 10 /[CH 3 ][NO]. 

The steady state concentration of nitric oxide is equal to the 
amount found on analysis, divided by the volume of the reaction 
vessel, for some two hundred times this quantity of nitric oxide is 
added during the course of the run. From these equations and the 
accepted value of k \q was found to be 10 11 * 3 mole -1 c.c. sec -1 at 
28° C down to pressures of 20 mm. 

At the lowest pressures a flow method was used first by Forsyth 95 
and subsequently, with many improvements, by Durham and 
Steacie 9 ^. They produced the methyl radicals by passing a stream 
of di-/-butyl peroxide through a furnace and down a tube into which 
nitric oxide could be injected. The concentration of methyl radi¬ 
cals at any point in the tube could be measured by following the 
rate of removal of a radioactive tellurium mirror. In this way the 
effect of the presence of the nitric oxide on the radical concentration 
along the reaction tube could be found and hence the rate constant 
for the reaction of the radicals with nitric oxide. The value of 
k\Q — 10 10 ' 5 mole -1 c.c. sec -1 is much lower than the high-pressure 
value, but as there is no reason to doubt the experimental accuracy 
of either determination, this difference must be ascribed to the 
pressure dependence of the rate constant. Unfortunately we do 
not know enough about the products of reaction 10 to treat the 
phenomenon theoretically. 

The rate constant has also been measured using a mass-spectro¬ 
meter to determine the methyl radical concentration 97 . The 
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experiments were carried out at 950° G and with very low pressures 
of the reactants, but with 15 mm of helium as a carrier gas. The 
value found, with rather a large probable experimental error, was 
^1 o = 10 11 mole -1 c.c. sec -1 . Other experiments show that, for pur¬ 
poses of energy transfer, 15 mm of helium are equivalent to about 
1 mm of acetone. Accordingly, we may conclude that there is 
good evidence that the activation energy, jEj 0 , is very small indeed. 
So many radicals appear to combine readily with nitric oxide that 
the effect of the addition of nitric oxide to pyrolysis systems has 
often been used as a diagnostic test for radical chain reactions (see 
section 3.5). The primary products have not been discovered 98 ; 
it seems that they are generally unstable at the temperature of the 
experiments. 

The acid-base reactions of boron trifluoride with amines, such as 
11 , bear a striking resemblance to the free radical combinations, but 

BF 3 +N(CH3)3 = F 3 BN(CH3)3 .... (11) 

they are not so difficult to investigate because the pure reactants are 
readily available and may be introduced into the reaction systems 
in known concentrations. However, since the rate constants are 
of the order of 10 13 mole -1 c.c. sec -1 , the reactions are so rapid that 
they can only be followed by special techniques. They have been 
studied in two ways, both of which depend upon the comparison of 
rates of reaction with rates of diffusion. The principles of the 
methods are the same as those applied in investigating the sodium 
flame reactions (section 4.3) and only a brief outline will be given 
here. 

Garvin and Kistiakowsky" used a variant of the diffusion flame 
technique but because the reactants could not be detected by light 
absorption, as were the alkali metal atoms, the reaction zone was 
defined by temperature measurements. A sketch of the apparatus 
is shown in Figure 3.5. It was found that the reaction zone was 
spherically symmetrical around the injection nozzle. The same 
theoretical treatment, as was used for the sodium flame reactions, 
was applied to determine the rate constant which corresponded 
to the diffusion of a given concentration of the nozzle reagent 
a measured distance into the surrounding atmospheric reagent. 
Unfortunately the temperature rise at a given spot is not exactly 
proportional to the heat evolved at that spot, and hence to the 
concentration there of the nozzle reagent, because the tempera¬ 
ture profile is smeared out by the conduction of heat. The allow¬ 
ance which must be made for the thermal conductivity of the 
atmospheric gas complicates the treatment. However the equations 
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can be approximately solved and rate constants which are repro¬ 
ducible to within a factor of two have been obtained. 

It was found that the reactions were first order with respect to 
the concentration of boron trifluoride and of the amine. The 
second-order rate constants, which are markedly dependent upon 



Figure 3.5. The diffusion Jlame technique with thermometric detection of the reaction zone. 
The nozzle reagent is injected through A into the reactor. The total pressure in the 
reactor , measured by a gauge attached to B and maintained by the pumps at D, is between 
O'05 and O'5 mm, of which the atmospheric reagent admitted through C forms between 
4 and 25 per cent. The nozzle reagent diffuses out and reacts with the atmospheric 
reagent, between 1 and 20 per cent of which is consumed. The temperature distribution 
in the reactor is measured by the thermocouple, T , the position being accurately set with 
the device E. 

the total pressure in the reactor, are best represented by the three 
expressions : 

1013/* = 12-6 + 1-16/P for BF 3 + CH 3 NH 2 

1013/* = 0-31 + 0-444/P for BF 3 + (CH 3 ) 2 NH 

1013/* = 2-68 + 0-041/P for BF 3 + (CH 3 ) 3 N, 

where the units are mole _ l c.c. sec~i and P is the pressure in the 
reactor in mm. These expressions have the form required by the 
Hinshelwood-Lindemann treatment of the pressure dependence 
of the first-order constants for the reverse unimolecular decom¬ 
positions. The minimum values for the high-pressure bimolecular 
rate constants deduced from the above figures are 10* l* 9 , 1013-5 and 
101 2 * 6 mole~i c.c. sec _ i respectively. There is no apparent reason 
why the dimethylamine results should not fall in line with the others ; 
the discrepancy seems to be greater than the large probable experi¬ 
mental error. The rate constants are so large that only 1-3 kcal of 
activation energy can be involved. 
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Shepp and Bauer 100 have adapted the technique of highly dilute 
flames to study the reaction between boron trifluoride and tri- 
methylamine. The rate constant for the reaction is about a factor of 
ten too large to be measured accurately in this way and the value 
obtained for the high-pressure rate constant of lO^mole- 1 c.c. sec- 1 , 
though in fair agreement with the value of Garvin and Kistia- 
kowsky", is only reliable to an order of magnitude. 

The results obtained on the reactions considered in this section 
are summarized in Table 3.6. There are several points which call for 


Table 3.6. Radical Combinations and Similar Reactions 


B + C = BC . . . . (1) 


B 


G 

log Ay 

El 

!ogi4_, 

E- 1 





mole-1 c.c. sec -1 

kcal 

sec ~ 1 

kcal 

e.u. 

e.u. 

gh 3 

+ 

ch 3 

13 7 

0 

17 

85 

16 

18 

c 2 h 5 

+ 

c 2 h 5 

13 3 

<0 7 

17 

80 

18 

18 

no 2 

+ 

no 2 

11-7 

0 

16 

13 

22 

13 

(CH 3 )NH 2 

+ 

bf 3 

11 9 

0 

17 


23 

17 

(CH 3 ) 2 NH 

+ 

bf 3 

13 5 

0 

18 


21 

22 

(CH 3 ) 3 N 

+ 

bf 3 

12 6 

0 

17 


20 

20 

ch 3 

+ 

NO 

1 

11 3 

ca. 0 

15 


16 

7 


In the calculation of A.S' C —it, the transmission coefficients were assumed to be unity 
\ alues m bold type are directly determined; those in italics are rough estimates with a probable 
error of a power of ten or the equivalent. F 


comment. The activation energies of all the association reactions 
are close to zero, which is not surprising, because it is probable that 
the only work which has to be done to join two radicals together 
is that required to deform the radicals and to overcome the opposing 
rotational and polarization forces. Therefore the assumption that 
is often made, when no measurements are available, that the activa¬ 
tion energy of the combination reaction of two small radicals is zero 
is justified both on theoretical and experimental grounds. The 
activation energies of the reactions of free radicals in solution which 
terminate polymerization chains 1 * 11 , autoxidation chains 1 *^ anc i t h e 
chain additions of trichlorobromomethane to olefins 1 03 a l so y ie 
between 0 and 5 keal. 

As has been pointed out in section 1.3, the relations between the 
A factors for the associations and the decompositions can be found 
if the entropy changes for the reactions are known. Precise values 
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are not generally available, but estimates which are almost certainly 
accurate to A: 5 e.u. (a factor of ten in the ratio of the A factors) 
may be made. It can be seen that the values, approaching the 
collision rates, of the rate constants for the associations of these 
moderately complex molecules correspond to A factors for the de¬ 
compositions which lie well above the ‘ normal 5 value of 10 13 sec -1 . 
It will be found conceptually simpler to consider this problem 
as one of ‘ high A factors for decomposition ’ rather than of ‘ high 
A factors for association ’ ; the law of microscopic reversibility 
requires that the activated complexes of the two reactions be the 
same. There would seem to be no significance in the fact that the 
A factors for decompositions derived from results on associations 
are all high, whereas only a small proportion of those derived from 
the direct study of decompositions are high. 

From the table it can be seen that the entropy of activation, 
ASc-i*, closely approaches the over-all entropy change, AS c _i, for 
many of the reactions. This means that the activated complex 
and the products are almost identical, except that in the activated 
complex the fragments are not capable of separate translational 
motion. It is hardly reasonable to suppose that the lowering of 
the vibrational frequencies in passing from the initial state to the 
complex could account for more than a small fraction of the increase 
in entropy. The fragments in the activated complex must rotate 
very freely ; indeed the values of A^.^ for several of the reactions 
are so high that they must be attributed to the existence of almost 
free rotation of the fragments about all three axes. We may con¬ 
clude that it is likely that in the activated complex the incipient 
fragments are already considerably separated and held together by 
non-directional forces, though it must be admitted that this often 
seems implausible. The corollary is that associating fragments 
rotate so freely that they may be regarded as spherically symmetrical, 
resembling large atoms. The observed rate of association is that 
predicted by the transition state theory for the combination of 
atoms, neglecting restrictions imposed by the need to dissipate the 
energy released by the formation of the bond. 

3.2 Molecular Elimination and Molecular 

Association Reactions 

It is probable that the activated complexes for those reactions in 
which a molecule decomposes directly into two or more normal 
molecules also resemble the initial states rather closely. In this 
section we shall consider these reactions, which we have called 
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molecular elimination reactions, together with the reverse molecular 
association reactions, in which two molecules combine to form one. 
At one time, before the importance of free-radical chains was 
realized, it was commonly supposed that all thermal decompositions 
proceeded by one or more direct molecular eliminations. This view 
was sustained although it was often necessary to suppose that the 
molecules were contorted in the most improbable way before they 
finally fell apart. Frequently the improbability was not realized 
because many early workers followed reactions either by the rate 
of disappearance of the reactant or, less informatively, by the 
rate of change of pressure in the reaction vessel. This experience 
exemplifies the importance of analysing the products of any reaction 
which is studied kinetically. However the analysis of products is 
often not in itself sufficient to enable one to distinguish molecular 
elimination from free-radical reactions. The products of many 
decompositions could well come from molecular eliminations but 
are, in fact, the results of free-radical chains. The methods by 
which the two types of reaction are distinguished are discussed later 
in this chapter. Although many of the 4 classical ’ examples of 
molecular eliminations must nowadays be rejected, there remains a 
very large number of bona fide molecular eliminations which, have 
been thoroughly investigated. Very few molecular associations 
have been studied. 

Since only normal molecules are involved in molecular elimina¬ 
tions the probability of the occurrence of side reactions is so much 
reduced that the decompositions can usually be studied in static 
systems. Normally an experiment is started by rapidly introducing 
a convenient quantity of reactant into a reaction vessel contained in 
a thermostat. The reaction is then followed by measuring the rate 
of change of pressure in the vessel. This simple procedure has the 
great advantage that many points on the reaction-time curve are 
obtained in each run. It is very important that the products of 
the reaction should be analysed and that the exact correspondence 
of the pressure change with the amount of reactant decomposed and 
with the amount of product formed should be demonstrated. This 
has been done for the majority of the reactions mentioned in this 
section. First-order plots of the pressure-time readings are made in 
the usual way and the rate constants derived from them. 

The associations have been similarly studied, although the tech¬ 
nique is not quite so straightforward because accurately measured 
quantities of the two reagents must be introduced into the reaction 
vessel and second-order plots of the pressure readings must be 
constructed. 
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There are two difficulties which are commonly encountered in 
these investigations. First, it is often found that if the surface-to- . 
volume ratio of the reaction vessel is increased by packing it with 
glass tubes the rate of the reaction is also increased, thus showing 
that the reaction is partially heterogeneous. Sometimes the homo¬ 
geneous reaction cannot be isolated, but often it is found that after 
many runs the surface of the vessel and packing become poisoned 
so that the rate is no longer a function of the amount of packing, 
and the heterogeneous reaction is completely suppressed. Second, 
a relatively small proportion of the reactant may split into free 
radicals ; these radicals initiate reaction chains which magnify the 
effect so as to increase substantially the apparent rate constant of 
the over-all decomposition. The radicals may be detected by 
observing the effect of introducing some substance such as an olefin 
or toluene which is known to react rapidly with radicals to form 
relatively unreactive products. If the addition of a small amount 
of such an inhibitor reduces the reaction rate, it is a sure sign of the 
presence of free radical chains. The inhibitor will often suppress 
the chain so effectively that the molecular elimination may be 
isolated for study. The toluene carrier technique has been ‘ in¬ 
verted ’ to study molecular eliminations, for the toluene stream can 
as well be used to absorb the small number of radicals formed in a 
decomposition which proceeds predominantly by a molecular mech¬ 
anism as to isolate the primary radical formation in free-radical 
decompositions 104 * 105 . 

Table 3.7 contains a list of the rate factors of most of the known 
molecular eliminations and associations together with the closely 
related intramolecular rearrangements. There is evidence that 
each of these reactions is molecular, but some have been much less 
thoroughly investigated than others. The accuracy with which the 
rate factors have been determined also varies widely. It would not 
be surprising if later work showed that a few of the reactions involved 
free radicals and revealed errors in the rate factors. 

For the sake of argument, we may suppose that all these decompo¬ 
sitions are unimolecular and that the associations only involve the 
specified molecules. To proceed further we must consider the paths 
along which the various atomic nuclei must move to arrive at their 
final states. This is largely a matter of conjecture, but it seems so 
probable that the reactions 1, 2 and 3 

C 2 H 5 C1 = C 2 H 4 + HC1 .... (1) 

CH 2 :CHOCH 2 CH:CH 2 = CH 2 :CHCH 2 CH 2 CHO . (2) 

CH 2 :CHCH:CH 2 + CH 2 :CH 2 = cyclo-C 6 H l0 .... (3) 
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a Inhibited by cyclohexene. < 6 Toluene carrier technique used. c Inhibited by propylene. d Inhibited by 2-mcthylpropene. 

c Flow experiments. f There is evidence that these decompositions may be six-centre reactions 118 . 
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* 200° to 400° C. t •lO^ 0 to 000° C. a Inhibited by cyc/ohexene. b Toluene carrier technique used. c Inhibited by propylene. 

d Inhibited by 2-methylpropene. e Flow experiments. /There is evidence that these decompositions may be six-centre reactions 118 . 












UNIMOLECULAR DECOMPOSITIONS 


take place by way of the cyclic activated complexes (i), (ii) and (Hi), 


H - C1 

i i 

H—C—=C—H 

I I 

H H 





that the idea is widely accepted. The reactions in the table have 
been classified according to the number of atoms in the ring in the 
complex. 

The reactions listed in the table may also be divided into groups 
according to their A factors. The first group comprises those de¬ 
compositions in which a molecule of the type HX is eliminated ; 
the activated complex then has the form (i). Almost without 
exception these decompositions have normal A factors, that is they 
lie in the range 1013±1*5 sec -1 ; alternatively, it may be said that 
their entropies of activation lie in the range ± 7 e.u. This small 
entropy change is to be expected when the activated complex 
closely resembles the initial state. The resemblance is particularly 
close in these eliminations because the vibrations involving the 
hydrogen atom and X group make a comparatively small contri¬ 
bution to the total entropy of the original molecule, therefore the 
change in entropy due to the greater rigidity of the cyclic activated 
complex is necessarily small. 

The only four-centre association reaction whose rate has been 
directly measured is the reaction of hydrogen with ethylene. But 
it must be admitted that there is some doubt whether this process 
is truly molecular ; the mechanisms of most of the other reactions 
in the table are better established. The rates of other associations 
can be calculated from the rates of decomposition and the equi¬ 
librium constants, when these have been directly measured. The 
A factors of still more associations can be calculated from the over-all 
entropy changes. The over-all entropy changes (in concentration 
units) for the association reactions of HX with an olefin usually lie 
in the range -20*4 e.u. (CH 4 + (CH 3 ) 2 G:GH 2 ) to -11-2 e.u. 
(HC1 + Q 2 H 4 ). Accordingly it should be expected that if a de¬ 
composition reaction has an A factor of 10 13 sec _1 the coupled 
association reaction will have an A factor of between 10 9 and 10 11 
mole- 1 c.c. sec -1 . The A factors for the associations of hydrogen 
bromide and hydrogen chloride with 2-methyl propene, calculated 
by Kistiakowsky and Stauffer 107 from directly determined equi¬ 
librium constants, are 10 10 ’ 2 and lOD'Omole -1 c.c. sec -1 respectively. 
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The second group comprises those decompositions in which all 
the atoms which form the four-centre ring in the activated complex 
are heavy. Apart from those of the decyclizations which are a 
special case, the A factors of these reactions are, in general, signifi¬ 
cantly low : they fall in the range 10 9 to 10 11 * 5 sec -1 . Again this 
is in accordance with expectations, for the vibrations involving 
heavy atoms make a considerable contribution to the entropy of the 
molecule ; the higher frequencies of the rigid activated complex 
will make a significantly smaller contribution. In addition the 
freedom of internal rotation may be considerably curtailed. As 
yet no detailed calculations have been made but it can be seen by 
comparing the entropies of cyclo butane (62 e.u.) and 1-butene 
(73-5 e.u.) that the effects are of the right order of magnitude. 

The third group contains the four-centre decyclization reactions, 
which may be considered together with the six-centre decyclizations. 
The A factors of all these reactions are high ; they lie between 
1014-5 anc J 10!6-3 sec -1 . This is, at first sight, surprising for it would 
seem that the activated complex must be very like the initial mole¬ 
cule apart from some lengthening and shortening of the bonds. 
However, the high positive entropies of activation could be caused 
by a greater freedom of rotation or libration in the molecules. Thus 
the entropy of the normal cjr/obutane molecule, 62 e.u., rises to 
74 e.u. in the activated complex which is half-way towards the 
entropy of 85 e.u., which may be estimated for two freely rotating 
ethylene molecules linked together in such a way that only their 
translational motion is restricted. Very tentatively it may be sug¬ 
gested that the high A factors arise from such freedom of movement ; 
as would be expected the freedom of movement appears to be less 
when bulky molecules such as the butyraldehydes are involved. 

The A factors of the fourth group of reactions, comprising the six- 

centre internal rearrangements, lie around 10 11 sec- 1 corresponding 

to negative entropies of activation of about — 10 e.u. The maximum 

loss of entropy that could be incurred in forming a six-membered 

ring may be conveniently estimated by comparing the entropy of 

1-hexene (92 e.u.) with that of cyclohexane (72 e.u.). The rings in 

the activated complexes would hardly be expected to be as rigid 

as that in a normal molecule so that the entropies of activation 

should lie between about —5 and — 15 e.u., as is in fact the 
case. 

Considerable refinements have been introduced into the calcu¬ 
lation of the entropy changes in the Diels-Alder reactions which 
form our last group, but the results are not much more informa¬ 
tive than the cruder estimates. The experimental entropies of 
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activation and entropy changes in two typical reactions are as 
follows : 

A S*i = — 12 e.u. 

butadiene + ethylene ^ cyclohexene — 28 e.u. . . (1) 

AS*-* = — 1 e.u. 

AS* = — 15 e.u. 

butadiene + butadiene -> 3-vinyl cyclohexene — 23 e.u. 

As would be expected the dimerization reactions have considerable 
negative entropies of activation which correspond to the loss of 
vibrational and, more important, of rotational freedom. In fact, 
the entropy lost in forming the activated complex corresponds to 
about half of that lost in the over-all reaction. However, the 
entropy of activation for the decomposition of cyclohexene is found 
to be almost zero, whereas a large positive value would have been 
expected. An error is probably present in the measured rate 
factors, most likely in those for the decomposition. The observed 
activation energy of the decomposition is 6 kcal lower than would 
be expected on the basis of the known heat of the reaction and the 
activation energies of the similar associations. If the rate constants 
were measured approximately correctly, this difference corresponds 
to an error of 17 e.u. in the entropy of activation 152 . Detailed 
calculations have been made for the reaction of cyclohexene 152 , for 
the dimerization of ryc/opentadiene 159 and for the reactions of acro¬ 
lein with butadiene and ryc/opentadiene 158 . In general it is found 
that rather low vibration frequencies in the activated complex must 
be assumed if good agreement is to be obtained with experiment. 

The factors which determine the activation energies of these 
molecular reactions are not so well understood as are those which 
determine the A factors. However, applications of the semi-empirical 
method of calculating activation energies, developed by Eyring and 
Polanyi 160 , have met with some success. It is convenient to consider 
the four-centre reactions first. The treatment can be simplified by 
neglecting the motions of all of the atoms present in the complex 
except for the four which form the ring. The activation energy is 
only affected indirectly by the other parts of the molecule through 
their influence on the strength of the bonds joining these four atoms. 
The four atoms involved in the basic reaction may be visualized as 

W—X W-X W X 

-> | I -> I I 

Y Z Y-Z Y Z 

initial state activated complex final state 
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six diatomic systems WX, YZ, YVY, XZ, WZ, and XY with energies 
a \> a 2 -> ^i> ^2> r l an d C 2 respectively. The molecules must pass from 
the original configuration, when a = a 2 has a maximum value 

and all the other bond strengths are almost zero, by the path 
involving the minimum expenditure of energy, corresponding to the 
lowest possible value of the activation energy, to the final state, in 
which b = b\ b 2 has a maximum value and all the other bond 
strengths approach zero. It can be shown that for given values of 
a and b , the activation energy, E , will be a minimum for an activated 
complex in which c is a minimum, provided that c is smaller than 
both a and b. This will be so, because C\ and C 2 refer to the inter¬ 
actions of the atoms which are farthest apart. Furthermore it can 


Figure 3.6. A four-centre reaction system. 


X 



be shown that c\ and C 2 are a minimum and the distances WZ and 
XY are a maximum when the four atoms are co-planar. The values 
of the bond strengths of the diatomic molecules as a function of 
the interatomic distances are obtained from the Morse equation ; 
the necessary constants are taken from the spectroscopic data 
on the normal molecules. 

The configuration corresponding to the minimum value of c can 
be found more rapidly by trial and error than by analytical methods. 
Altar and Eyring*6l have developed a mechanical device consisting 
of six sliding scales to facilitate the operation. Convenient values of 
a and b are selected and the individual values of a u a 2i b x and b 2 
are varied until a minimum value of c (corresponding to particular 
values of c { and c 2 ) is discovered. Then other pairs of values of a 
and b are selected and the process repeated until a value of c is 
found which is an absolute minimum. It is most convenient to plot 
the values of c which are obtained, in the form of a series of equi- 
potential contours on a two-dimensional figure, as a function of the 
bond-strength sums a and b for the molecules (WX -f- YZ) and 
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(WY + XZ). The reaction path and the minimum value of c may 
then be found by inspection of this figure. 

Now the activation energy for the reaction with the activated 
complex shown in Figure 3.6 is related to the bond-strength sums by 
the equation, 

E = A\ + A 2 + Bi + B 2 + C\ + C 2 —{1 /2[(oq + oc 2 — Pi — p 2 ) 2 

+ (Pi + p2 — Yi — Y2) 2 + (Yi + Y2 — <*1 — a 2 ) 2 ]} 1 2 
= A+B + C — {1 /2[(a - p) 2 + (P - y ) 2 + (y - a) 2 ]} 1 2 

.... ( 1 ) 

which is the exact equivalent of equation 20, section 2.2, for a 
three-centre reaction. Aj is the coulombic and cq is the exchange 
energy contribution to the total strength a x of the bond. This 
equation may be solved numerically or by a geometrical construc¬ 
tion, if the assumption is made that the coulombic contribution is 
a constant proportion, usually 14 per cent, of the total bond strength. 
The individual bond strengths a 2 . . . may be calculated and the 
interatomic distances rj, r 2 . . ., which are required for the com- 
pution of the rotational partition function of the activated complex, 
are found from the Morse relation. 

Sun and Liu 162 and Sherman, Quimby and Sutherland 163 used 
this method to calculate the activation energies for the molecular 
addition of the hydrogen halide HX to the unsaturated compounds 
C 2 H 4 and C 2 H 3 X (though effectively always to C 2 H 4 , as no allow¬ 
ance was made for effect of the substitution). They used different 
bond strengths, both sets of which differ from the most recent 
values, but they both obtained results which correspond to activation 
energies of 63 ±3 kcal for the decompositions of C 2 H 5 C1 and C 2 H 5 Br. 

The activation energies for the molecular decompositions of the 
simple chlorides and bromides are summarized in Table 3.8 together 


Table 3.8. The Activation Energies and Heat Content Changes in 

Reactions of the Type : 

CH 3 —CR!R 2 X = CHziCRjRa + HX 


Compound 

1 

£(kcal) A//(kcal) 

Chloride 

I 

E( kcal) A//(kcal) 

Bromide 

Ethyl ' 

60-8 

191 

53-9 

21*1 

5^-Propyl 

* * 

50*5 

22-6 

47-8 

23-6 

/-Butyl 

41*4 

22-5 

42-2 

23-9 
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with the heats of the reactions ; incidentally it can be seen from 
the table that there is no connection between the heats of the 
reactions and their energies of activation. It would be interesting 
to know the results of calculations for all six of these reactions, but 
it does not seem that they would correspond very closely to the 
experimental values. The theory seeks to account for the changes 
in activation energy in terms of the changes in the strengths of the 
bonds of the imaginary diatomic molecules ; but a change of some 
10 kcal in one of these bonds only changes the calculated activation 
energy by about 5 kcal. There is no reason to expect changes of 
even this magnitude in the series ethyl halide to /-butyl halide ; 
the C—X bonds only vary by 3 to 4 kcal and the other bonds 
certainly vary even less. It seems that the changes in the activation 
energy must be explained in terms of the rigidity of the molecules, 
but as yet no satisfactory treatment has been developed. 

Detailed calculations of the activation energies of some Diels- 
Alder reactions have been made 164 . The treatment of a reaction 
such as the addition of butadiene to ethylene is simplified by the 
symmetry of the system and by the fact that the arrangement of 
the atoms in molecules is hardly disturbed in passing from the 
initial state to the activated complex. The activation energies were 
found to be of the order of 15 to 18 kcal, in fair agreement with 
experiment. Additional calculations, by a method analogous to 
that used by Evans and Polanyi to treat three-centre reactions, 
showed that if resonance in the activated complex were ignored 
values of the order of 35 kcal would be obtained 16 5. 


3.3 IsOMERIZ ATIONS AND RACEMIZATIONS 

Cis-Trans Isomerisations 

The cis-trans isomerizations of unsaturated compounds are formally 
very similar to radical-elimination reactions. The reactions could 
take place by the unpairing and subsequent pairing of the tz- 
electrons of the double bonds. Whatever is the detailed mechan¬ 
ism, the activated complex must be very similar to the initial state. 
The chief difficulties encountered in the study of these reactions are 
those of finding suitable methods of analysing the mixtures of cis- 
and trans - isomers and of finding compounds which do not decom¬ 
pose thermally during the isomerization. All the reactions have 
been investigated in static systems. The methods of analysis used 
are given in Table 3.9 together with the results obtained and some 
comments on their reliability. 
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Table 3.9. Cis-Trans Isomerisations 


Compound 

Remarks 

Method o) 
i A nalysis 

Pressure 
Range [mm] 

log A 

1 sec ~ 1 

E 

krai 

Ref. 

Low A factors 

m-CH 3 GH:CHCH 3 

• 

1 

i a 

100-1440 

0-3? 

18? 

1 166 

1 

m-CH 3 C0 2 CH: 

chco 2 ch 3 

• • 

11 

a 

45-530 

51 

26-5 

1 

167-169 

m-CH 3 C0 2 CH: 

C(CH 3 )C0 2 C h 3 

• • • 

111 

b 

30-500 

5? 

25? 

1 

170 

Normal A factors 

/™-CHD:CHD 

• • 

11 

: c 

9-310 

12-5 

61-3 

171 

/ranj-ClCH :CHC1 


d 

200-700 

12-7 

42 

172 

m-C 6 H 5 CH:CHC0 2 CH 3 


a 

6-570 

10-6 

41-6 

173 

m-C 6 H 5 CH:CHCN 


c 

20-450 

11-6 

46 

174 

m-C 6 H 5 CH:CHC 6 H 5 

iv 

a 

4-400 

12*8 

42-8 

170, 175 

C 6 H 5 CC1:CHC 6 H 5 

iv 1 

a 

liquid 

1M 

37 

175 

C 6 H 5 CC1:CC1C 6 H 5 

iv 

a 

liquid 

11-0 

34 

175 


Method of Analysis 

(a) Determination of the melting point of the mixture of isomers. 

( b ) Determination of the refractive index. 

(c ) Determination by infra-red analysis. 

(i d ) Determination of the solubility of the mixture in Nujol. 

Remarks 

(i) The rate constant was found to depend to some extent on the 
pressure ; the authors were doubtful of the interpretation of the 
results. 

(ii) The dependence of the rate constant on pressure was so great, for 
• such a complex molecule, as to cast serious doubts on the interpre¬ 
tation of the results, cf. the lack of dependence for the simpler 
molecule ethylene, though this is surprising for the opposite reason. 

(iii) The amount of thermal decomposition was so great that the authors 
did not believe the results to be accurate. 

(iv) The rate constants for the isomerization ofstilbene in solution are 
similar but the activation energy reported was lower. It is likely 
that the activation energies of the chlorostilbene isomerizations 
are really rather higher than the values listed here. 
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The reactions appear to fall into two classes characterized by 
activation energies of about 40 kcal and of about 20 kcal, or by A 
factors of about 10 11 * 5 sec- 1 and of about 10 5 sec- 1 or less. 

The results on the reactions with high activation energies all 
seem to be quite reliable ; the reactions are homogeneous and first- 
order and their rate constants are independent of pressure down 
to 10 mm. The A factors are slightly below the value of about 
10 13 sec- 1 predicted by theory, but the deviation is small. The poten¬ 
tial-energy curves for the reactions are probably best drawn with 
angular coordinates as shown in Figure 3.7. The potential curves 


Figure 3.7. Potential energy curves for a 
‘ cis-trans ’ isomerization. 



a can be calculated for ethylene, for which the torsional vibrational 
frequency is known, if it is assumed that the potential energy is a 
parabolic function of the angle of rotation. The cross-over point, 
A , of the two curves is 63 kcal above the minima. This figure is 
remarkably close to the experimental activation energy for the iso¬ 
merization of 1,2-dideuteroethylene, but no significance should be 
attached to the exact numerical agreement. Before the isomeriza¬ 
tion of ethylene was studied, it was suggested that resonance between 
the two forms of ethylene might well lower the activation energy 
to 20 kcal below the cross-over point and bring the estimated value 
into line with the experiments on the other isomerizations. 

Although the investigations of the reactions with low activation 
energies were prosecuted with great care, it does not seem to be 
unquestionably established that the reactions are unimolecular. 
The original workers considered that the reaction of 2-butene 
probably involved chains and that only a very rough estimate of 
the activation energy of the isomerization of dimethyl citraconate 
could be made. The results on dimethyl maleate seem most 
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accurate, but the marked dependence of the first-order rate constant 
on pressure cannot be explained. Admittedly it is ^dangerous to 
discard an apparent experimental fact because it disagrees with 
current theoiies, but it seems that on this occasion there is good 
reason for so doing. We may conclude that there is as yet no need 
to produce a theory to account for the low activation energies and 
A factors of 105 sec * or less. A plausible hypothesis has however 
been developed 176 in which it is suggested that the reactions may be 
non-adiabatic, involving a radiationless transition of the molecule 
from the singlet to the axially symmetrical triplet state ; the 
potential energy curve for the triplet state may cross that for the 
singlet state some 20 kcal above the minima. The probability of 
such an electronic transition is sufficiently small to account for the 
very low A factors. 

Racemizations 

Another class of reaction in which the activated complex resembles 
the initial state very closely is the racemization of diphenyl deriva¬ 
tives. Only the racemization of 2,2'-diamino-6,6'-dimethyldiphenyl 
has been studied in the gas phase 177 . It was investigated by sealing 
up a quantity of the (-)-isomer sufficient to provide a pressure of 
950 to 150 mm in a Pyrex bulb ; the bulb was plunged into a lead 
bath for a known time, withdrawn, quenched and the mixture of 
isomers dissolved in diphenyl ether. The optical rotation of the 
mixture was then measured to determine the percentage conversion. 
The reaction was found to be unimolecular and completely free 
from side reactions ; its rate constant is given by the expression 

k = 1010-4 exp (- 45 100 /RT) sec-1. 

Isomerizations 

Only three normal isomerization reactions have been studied in 
the gas-phase. The first is the isomerization of cyclopropane to 
propylene which is discussed in section 2.5. The second is the 
isomerization of a-pinene and the third of p-pinene. The rate of 
loss of optical activity of a-pinene was first investigated by immersing 
glass bulbs containing either the vapour or a solution in a thermostat 
for a known length of time, quenching and determining the specific 
rotation with a polarimeter 17 ^. The rate of loss of activity, which 
was supposed to correspond to a change from (+) to (—)-pinene, is 
substantially the same in the vapour as in solution, over a concen¬ 
tration range of 1000, and is given by the first-order rate constant 

k=\/2 X 1014-7 exp (- 43 700 jRT) sec-1. 
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However, it was soon shown that the loss of activity was not solely 
caused by racemization, but largely by isomerization. Fuguitt and 
Hawkins 179 identified the products of the liquid phase reaction : 
they are (±)-pinene (I), (±)-limonene (II) and a/Zo-ocimene (III) 
which are formed in the ratio 1:6:3 at 190° C 180 . The observa¬ 
tions at 190° and 205° G were not sufficiently accurate to warrant 
the calculation of the activation energies for the different reaction 
paths. The A factor for the over-all reaction is double that given 
above because the allowance, which was made for a back-reaction 
of equal velocity, should only be applied if the reaction studied is 
the reversible formation of (—)-pinene. 



(±)-o v m 


Burwell 181 has suggested a mechanism for these reactions. He 
postulates that a symmetrical bi-radical (IV) is first formed which is 
stabilized by the allylic resonance. 

This radical may reform a racemic mixture of pinene ((±)-I), 
form limonene ((±)-II) by a hydrogen transfer reaction, or form 
ocimene (V) which rapidly rearranges to the more stable, fully 
conjugated alio -ocimene (III). On the basis of thermochemical 
considerations it seems quite reasonable that the first step 
should have an activation energy of 44 kcal. The strength of the 
(CH 3 ) 3 C—CH 2 CH:GH 2 bond, which is comparable to that which 
is ruptured in the reaction, is about 58 kcal and the strain energy in 
ryc/obutane is about 26 kcal 1 82. Hence any value for the activation 
energy of the reaction above 32 kcal may be considered possible. 
Nothing is yet known of the factors determining which of the 
three routes the bi-radical will follow. 

A considerable argument in favour of Burwell’s mechanism is 
that a parallel mechanism best explains the observed gas-phase 
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reactions of (3-pinene ((—)-VI). Experiments carried out in a flow 
system'83 show that the principal products are myrcene (VIII) and 
( — )-hmonene (IX) which are probably formed as follows : 



Small quantities of a suostance which is very similar to, but prob¬ 
ably not identical with, (—)(7),(8)9,-p-menthadiene (X) are also 
foimed. The rate constants of the reactions are : 

for the decomposition of 3-pinene, 

k = 1015-6 exp (- 48 800 /RT) sec-i 

for the formation of myrcene (VIII), 

k = 1015-9 exp (- 49 900 /RT) sec-l 

for the formation of (—)-limonene ((—)-IX), 

k == 1013-5 exp (- 45 100 /RT) sec~i 

The high A factors are to be expected for reactions which involve 
the opening of cyc/obutane rings. It is doubtful if the accuracy 
of the observations would warrant a search for an interpretation 
of the relative values of the rate factors of the reactions. 

3.4 Thermal Decompositions Involving 

Chain Mechanisms 

In the first two sections of this chapter we discussed elementary 
decompositions ; we may now turn to .consider those decom¬ 
positions which are not elementary. They are of importance partly 
because many of them have from time to time been taken for 
elementary reactions and discussed as such, and partly because they 
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exemplify the way in which a simple over-all chemical change may 
occur through a series of elementary reactions. The study of the 
decompositions of fairly complex organic compounds has been of 
great importance in the development of gas kinetics. Today, it is 
of interest to see how well the kinetics of these decompositions may 
be predicted from a knowledge of the kinetics of the elementary 
reactions. We may hope that in the future some knowledge of the 
kinetics of individual elementary reactions may be derived from the 
study of those complex decompositions for which the rates of most 
of the elementary reactions have been independently determined. 

The analysis of the products of a reaction is not alone a reliable 
test for the complexity of the reaction and the existence of a free- 
radical chain mechanism in a thermal decomposition, though it may 
provide some indication. Several decompositions are known in 
which identical products are simultaneously produced by a mole¬ 
cular and by a chain mechanism ; A factors and activation 
energies of chain decompositions are often not significantly different 
from those of molecular eliminations. Often the rate constant of 
a reaction, derived by following the approximately first-order 
change of pressure in the reaction vessel, is found to decrease when 
the initial pressure is reduced. Behaviour such as this can be expected 
for the unimolecular decompositions of molecules of limited com¬ 
plexity in the normal pressure range, but when the decline is observed 
with complex molecules it is an indication that the reaction is 
complex and not unimolecular. More specific tests have had 
to be devised. Several of them are based upon the fact that 
the initial reaction which yields the radical that starts the chain is 
much slower than those which follow. Hence if the initial reaction 
can be effectively accelerated or retarded a greatly magnified 
change in the over-all rate should be observed. As the rate constant 
of an elementary reaction at a given temperature cannot be markedly 
altered, the variation must be introduced by adding to the system a 
sensitizer that provides an additional source of radicals, or an 
inhibitor, which will remove some of the radicals initially formed. 

Free radicals may be conveniently introduced into a reaction 
system by injecting the vapour of a substance which is known to 
decompose rapidly at the temperature of the experiment. The 
radical sources which have been most used in the various temperature 
ranges are : 150° to 220° G di-/-butyl peroxide, 250° to 300° G 
azomethane, 280° to 520° G the metal alkyls, particularly dimethyl 
mercury and tetraethyl lead, 430° to 470° G ethylene oxide, 450° to 
530° G biacetyl. The production of the radicals may be more 
readily controlled if they are released photochemically either by the 
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photolysis of an added sensitizer, such as acetone, or by the photo¬ 
lysis of the substance which is being investigated. It is a certain 
indication of a radical chain reaction if a large number of substrate 
molecules decompose for each radical released or for each quantum 
of actinic light that is absorbed. However, the fact that a reaction 
chain can be induced greatly increases the probability, but does 
not prove, that the normal reaction involves either free radicals or 
a chain mechanism. On the other hand, a chain mechanism cannot 
be ruled out simply because the sensitizer does not initiate a rapid 
decomposition. The sensitizer may have been used at too low a 
temperature ; the normal reaction at higher temperatures may 
involve chains. 

The most certain indication that a substance decomposes by a 
radical mechanism under normal conditions is that it should be 
capable of accelerating a reaction, such as the decomposition of 
acetaldehyde or the polymerization of an olefin, which is known to 
proceed by a chain mechanism. The production of dibenzyl, when 
a substance is pyrolysed in a stream of toluene, is also excellent 
evidence for a radical decomposition. 

If a reaction can be retarded by the addition of some substance 
such as nitric oxide, it is good evidence that free radicals, which 
are known to react rapidly with the inhibitor, are involved ; no 
additions can markedly alter the rate of a molecular reaction. 
Inhibitors often have a very striking effect ; thus 1 mm of nitric 
oxide in 100 mm of ethane at 600° C will reduce the rate of decom¬ 
position to one-fifth of its normal value. Propylene, wo-butene and 
ryc/ohexene have also been introduced to reaction systems to inhibit 
chain reactions but they are not as active as nitric oxide. The 
question of their mode of action will be deferred until the nature 
of chain reactions has been more thoroughly examined. 

If the decomposition of an organic compound containing ordinary 
hydrogen atoms involves free-radical chains, then the decom¬ 
position of this compound mixed with some of the fully deuterated 
compound should yield some products which are only partially 
deuterated. This would serve as an excellent and useful test for 
the presence of a free-radical reaction were it not for two serious 
practical disadvantages : first, it is neither easy nor inexpensive to 
prepare fully deuterated compounds ; second, it has been found 
that in some cases the parent compounds undergo exchange 
heterogeneously without decomposing, so that the products of their 
decomposition must be partially deuterated. 

The presence of free radicals in a decomposing mixture may also 
be detected by observing the effect of the mixture on the rate of 
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conversion of p - to o-hydrogen. In theory it should be possible to 
deduce the concentration of free radicals from such observations, 
but as yet no reliable quantitative results have been obtained. 

Before describing any examples of radical chain decompositions 
we will consider the properties of an idealized chain system which 
may be represented by the following scheme for the over-all reaction: 

Mi = R { H + M 3 


Ml = Rj -f- M^ .... (1) 

+ M { = R y H 4- R 2 .... (2) 

R 2 = Ri + .... (3) 

Ri -f- R2 = ^14, .... ( 4 ) 


where M„ is a stable molecule and R„ is a free radical. It has been 
assumed for convenience that in the initial step the molecule Mj 
decomposes into a radical R t and a molecule M 2 : in fact it is 
much more likely that the molecule will decompose into two radicals, 
which will initiate tw'o chains. The onlv difference that this will 

j 

make to the subsequent treatment, as the reader may verify for 
himself, is to introduce a factor of two into the equations. It can 
be seen that steps 2 and 3 can repeat over and over again before 
the chain is broken by the combination of tw'O chain carriers 4. 
Provided that the chains are long, that is, provided 2 and 3 
repeat many times for each time reaction 1 occurs, the over-all 
products will consist almost entirely of RjH and the unsaturated 
compound M 3 . 

Now we may write 

(d[Rl] ldt) Ml = ^[Md - Wi] [MJ + Wii ~ * 4 [Ri] [R 2 ] = 0 

.... ( 1 ) 

and (aCRJ/aOw, = ^[Ri] [Mj] — ^ 3 [R 2 ] — ^ 4 [Ri] [R 2 ] = 0. 

.... ( 2 ) 

From 2 [R 2 ] = k 2 [ R x ] [Mj] /( k 4 \_RJ + k 3 ). 

By substitution in 1 we obtain 

( lk,2k 4 \R\\~ — £i£ 4 [Ri] — ^ 1^3 = 0. 

Hence solving the quadratic, 

Ri == k x I4rk 2 + V((*i/ 4 *2) 2 + M 3 /2M 4 }- 

Now if the chains are long, k x must be comparatively small, so we 
may approximately write 

[Ri] = 
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By examination of reactions 1 to 4 it can be seen that the over-all 
rate of disappearance of Mj is given by 

- d[Mj] /dt = *,[MJ + k 2 [R x ] [Mj]. 

Again since k { is small, the contribution of the initial step to the 
over-all rate may be neglected, so that 

- d[M { ]/dt = * 2 [R,] [MJ - Ml ]. 

Hence this set of reactions will describe satisfactorily the first-order 
decomposition of Mj. The first-rate order constant, k , will be 
related to the other rate constants by k = (kik 2 k i /2k 4 y 2 . From 
this relation it can be seen that the over-all activation energy of the 
reaction, E, will be given by E = 1 /2 (E\ + E 2 + E$ — E4) and 
the over-all A factor by A = (A { A 2 A$I2A 4 )1' 2 . The length of the 
reaction chains is defined as the ratio of the total number of mole¬ 
cules decomposed to the number of chains started, Aj[Mj], that is 

chain length = ^[Rj] [M 1 ]/A: 1 [M 1 ] = 

Reaction schemes of this type were first devised by Rice and 
Herzfeld 184 to show how first-order decompositions could occur 
by chain mechanisms and how the over-all activation energy of 
such a decomposition could be less than that of the initial step. 
They assumed plausible values for the activation energies of the 
elementary reactions to show that the mechanisms of the type which 
they proposed were possible. 

Calculations of the type made above are usually referred to as 
steady state calculations and the differential equations as steady 
state equations. They are so named because they are based on the 
assumption that, when the concentration of Mj is constant, the 
concentration of the radicals remains constant also. The assump¬ 
tion is not, as is sometimes supposed, that the concentration of these 
radicals remains constant throughout the decomposition, which, as 
a few moments consideration will show, is unrealistic. The assump¬ 
tion is not valid during the early stages of the reaction when the 
concentration of radicals is being built up ; this period cannot be 
treated by the steady state method. 

The order of the over-all reaction predicted by the steady state 
treatment depends upon the nature of the chain-initiating and chain¬ 
breaking steps. Thus if the chains in the reaction scheme given 
above had been broken by the mutual destruction 5 of the like 

( 5 ) 


2R X = M 5 
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radicals Rj, instead of the unlike radicals Ri and R 2 in 4, tlie 
steady state equations would be 

(d[Ri] /30m. = - ^[Ri] [Mi] + * 3 [R 2 ] - k 5 [R { ]2 = Q 

(a[R 2 ]/a/) Mi = £ 2 [Ri] [Mj] - At 3 [R 2 ] = 0, 

leading to the expression 

- dfMjl/d t = k 2 {k\ /Ar 5 )i/2[M,]3 2. 

This last is the equation for a reaction with an order of 1*5. 
Similarly if the chains are terminated by the mutual destruction 6 

2R 2 = M 6 .... (6) 

of the chain-carrying radicals R 2 , which are not produced directly 
by the initial reaction, it can be shown that the order of the over-all 
reaction will be 0-5. However, if in this case the initiating reaction 
is second-order, the over-all reaction will be first-order. 


Table 3.10. The Decomposition of Alkyl Chlorides by Free Radical 

Chain Mechanisms 


Typical reaction : CH 2 C1CH 2 C1 = C 2 H 3 C1 + HC1 



Rate Constantfor the 

Induction 


Compound 

Over-all Reaction k 

Period I 


log A 

E 

log X 

r 

Ref. 


(scc~l) 

(kcal) 

(sec) 

(kcal) 


CH 2 C1CH 2 C1 

10-8 

47-0 

-12-2 

-45-0 

185-6 

ch 2 gich 2 gh 2 ch 2 ci 

14-4 

56-5 

-16-5 

-54-7 

187 

ch 3 ggi 3 

12-5 

48 0 

-14-4 

-50-0 

188 

chci 2 chci 2 

9-6 

36-5 

-15*0 

-44-0 

189 

(CH 2 C1CH 2 ) 2 0 

15 ? 

55 ? 

— - 

— - 

190 


The variation of the length of the induction period with temperature is given by 

I = X exp (- Y/RT) sec. 


The steady state treatment has been applied in the study of the 
radical-chain decompositions of several organic chlorides which are 
listed in Table 3.10 together with the observed A factors and acti¬ 
vation energies for the over-all reactions. The decomposition of 
1,2-dichloroethane may be discussed as an example for it was 
investigated particularly thoroughly! 85.1 86. Over-all first-order 
rate constants were obtained by observing the rate of increase of 
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pressure in an aged static system. It was shown by analysis of the 
products that the change in pressure corresponded exactly to the 
postulated chemical change. Howlett proposed that the reaction 
scheme was as follows : 


C 2 H 4 C1 2 

= C 2 H 4 C1 + Cl 

logT 

13 

E (kcal) 
70-0 

(1) 

Cl + C 2 H 4 C1 2 

= C 2 H 3 C1 2 + HC1 

11-62 

5-0 

( 2 ) 

c 2 h 3 ci 2 

= C 2 H 3 C1 + Cl 

10 

22-0 

(3) 

Cl + C 2 H 4 C1 

= C 2 H 3 C1 + HC1 

13 

3-0 

(4) 


The values were assigned so that the over-all rate constant k = 
(* 1 * 2*3 M 1 2 would be exactly equal to the rate constant given by 
the experimental Arrhenius equation. However a good case can 
be made out independently for all the rate factors with the possible 
exceptions of A 3 and E\. As will be seen in section 5.4, A 3 may be 
of the order of 10 10 sec -1 , but E\ is well below the strength of a 
normal C—Cl bond. 

Excellent evidence that this decomposition proceeds by a chain- 
mechanism is that the addition of very small quantities of propylene 
markedly decreases the rate of the reaction. The action of propy¬ 
lene can be quantitatively understood if reactions 7 and 8 are added 
to the reaction scheme. 


c 2 h 3 ci 2 + C 3 H 6 = C 3 H 4 C1 2 + C 3 H 5 
C 2 H 4 C1 + C 3 H 6 = C 2 H 5 C1 + C 3 H 5 

Solution of the steady state equations then yields 



[ *8 2 [PJ 2 + 4W8/*2(*3/*7 + [P]) 

1 2 k 4 




where [P] is the concentration of propylene. The concentrations 
of propylene used are so small (0*1 to 15 mm) that the expression 
may be simplified to 

[Cl] = *!* 3 /M7[ P] 

by adding the insignificant quantity (^i^^/^^fP ]) 2 to term 
in braces. Hence for the chain decomposition 


k = k l k i [C 2 H 4 C\ 2 ]/k 1 [P]. 

This expression correctly predicts first-order kinetics for the in¬ 
hibited reaction and fits the experimental results very well if k-j is 
given by 109-6 ex p (— 8 000 /RT) mole -1 c .c. sec-*. This value is 
reasonable, for the equation closely resembles the Arrhenius equa¬ 
tion for the reaction of methyl radicals with propylene 191 . 
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It was found that the first-order plots of this decomposition, in 
common with those of other chlorohydrocarbons, were not exactly 
linear but were of the form shown in Figure 3.8 , curve ( ii ). There 
is an induction period the length of which may conveniently be 
defined as the intercept, /, made by the first-order plot with the time 
axis. Such induction periods might be caused by the presence of 
small quantities of impurities which remove the radicals released in 

Figure 3.8. Chain decomposition with induction 
period. 

Curve i. Plot for normal first-order 
reaction. 

Curve ii. Plot for reaction with induction 
period. The length of the induction 
period, I, is found by extrapolating the 
straight portion of the curve back on to 
the time axis. 

the system, until they are exhausted. But tests such as further 
purification and the repeated partial pyrolysis of one sample of 
material show that impurities are not the cause. It appears that 
the induction period represents the time which must elapse before 
steady state concentrations of chain-carrying radicals have been 
built up. The induction period is shorter at higher temperatures, 
as might have been expected ; its variation with temperature is 
given by the equation 7= 10-12-2 e xp (45 000/RT) sec. The 
length of the induction periods can be deduced from the reaction 
mechanism and the rate constants assumed for the elementary 
reactions if the differential equations for the concentrations of chain¬ 
carrying radicals are solved for non-steady state conditions. The 
numerical solution is laborious and has rarely been undertaken for 
any reaction system, although those results which have been ob¬ 
tained have been quite satisfactory. Howlett 1 ^ h as suggested a 
simple expression for the length of the induction period which gives 
reasonable results although the derivation involves some assump¬ 
tions. For all practical purposes, the rate of increase in pressure 
in the reaction system which we have been considering is given by 

dp/dt = £ 3 [C 2 H 3 C1 2 ]. In the earliest stages of the reaction, the con¬ 
centration of C 2 H 3 Cl 2 builds up linearly according to the equation 

[c 2 h 3 gi 2 ] =m:c 2 h 4 ci2]. 

Now in the steady state 

[G 2 H 3 G1 2 ] = [G 2 H 4 G1 2 ] (*i*2/M 4 ) 1/2 , 
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so that the time which elapses before this concentration is attained, 
that is, the induction period, is 

I = [C 2 H 4 C1 2 ] (k x k 2 lk 3 k 4 ) 1/2 /*! [C 2 H 4 C1 2 ] 

= falWfa ) 1 2 - 

By combining this expression with that for the rate constant £ 2 /X; 4 
and kik$ may be found 192 in terms of k and / ; but as the expressions 
combine the errors of both determinations any figures derived from 
them will not be very accurate. 

The distinction between those chlorohydrocarbons which decom¬ 
pose by a radical chain mechanism and those which decompose by 
molecular elimination is evidently not sharp, for some compounds, 
such as methyl chloroform, decompose to a comparable extent by 
both mechanisms. The explanation for the difference advanced by 
Barton and his co-workers has little to do with the fundamentals of 
chemical kinetics. They suggest that all chlorohydrocarbons tend 
to decompose by free-radical mechanisms, but that if the hydro¬ 
carbon product is an efficient inhibitor such as propylene or 
butene, it will quickly suppress the long chains and only a mole¬ 
cular decomposition will be observed. Moreover chains will only 
be freely propagated if the attack of the chlorine atom (reaction 2) 
yields a radical, by removing a (3-hydrogen atom, which can readily 
decompose to give a fresh chlorine atom (reaction 3). If an a-hydro- 
gen is sometimes removed the number of links in the chain can only 
be as great as the ratio of the rate constant for attack on a (3-atom 
to that for attack on an a-atom, because the radical formed by re¬ 
moving an a-hydrogen atom cannot readily lose a chlorine atom. The 
ratio of the rate constants is probably of the order of 10 : 1. A chain 
of 10 links is very short and will make a much smaller contribution 
to the over-all rate than the molecular mechanism. The chain 
length for the decomposition of 1,2-dichloroethane, in which all 
the hydrogen atoms may be described as (3-hydrogens, is of the order 

of 104. 

Rice and Herzfeld 184 did not originally postulate their mechan¬ 
isms to elucidate the chain decomposition of the chlorohydrocarbons, 
but to show that the facts known in 1934 about the decompositions 
of ethane, acetaldehyde, dimethyl ether and acetone could be 
explained by mechanisms involving free radicals. Today no one 
will dispute that these decompositions and those of many other 
organic compounds proceed partially and often predominantly by 
free radical mechanisms. Steacie 193 has given a very complete 
account of these decompositions and their mechanisms, which covers 
the literature up to 1945 ; few relevant experimental observations 
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have been reported since then except in connection with the 
decomposition of acetaldehyde which is the subject of a later review 
by Walters 194 . However, in the last ten years our knowledge of 
the rate factors of the elementary reactions has increased enormously, 
to the extent that the rate constant of almost every step postulated 
to occur in the decomposition of ethane has been measured ; 
though it must be admitted that the errors in some of the determina¬ 
tions are probably large. The rate factors of the elementary le- 
actions involved in the other decompositions can be estimated fiom 
our knowledge of similar reactions and from thermochemical data. 


Table 3.11. The Thermal Decompositions of Organic Compounds 


Calculated 


Reaction 

Order 

log k 
sec -1 

1 

log A 
sec -1 

E 

kcal 

log k 
sec“l 

I 

log A 

sec _ l 

E 

kcal 

Ref. 

£•2^6 = C2H4 T H 2 

1 

- 5.1 

14 

70 

-3*8 , 

15 

69 

195-6 

CH 3 OCH 3 = | 

CH 4 + CO + h 2 

1 

-2*7 

13-2 

59 

-3*3 | 

11 

52 

197 

CH 3 COCH 3 = 

ch 4 + ch 2 co 

1 

- 3.6 

15 

68 

-3*8 

12 

58* 

198 

ch 2 co = 

complex products 

CH 3 CHO = 

CH 4 + CO a 

1-5 

— 0*3t 

1 

1 

12-3f 

1 

46 

— 0-8t 

121 

47 

199 


Values of log k at 800° K. 

* D(CH,COCH 2 —H) has been assumed to be 95 kcal. 
t inole - */* c.c. 1 /* sec -1 . 


The calculated values were obtained from the original Rice-Herzfeld 
mechanismsl 84 and the values of the rate factors for the elementary 
reactions given in this book. When no direct evidence was available it 
was assumed that the A factors for the unimolecular decompositions arc 
equal to 1013 sec -1 and that the activation energies for the combination 
of radicals and for the addition of radicals to unsaturated compounds are 
0 kcal. 

a The agreement between the experimental and calculated rate factors 
for the decomposition of acetaldehyde sensitized by di-J-butyl peroxide 
and by biacetyl200 is not so satisfactory. 


In Table 3.11 the calculated over-all rate constants and rate 
factors, based upon the rate factors for the elementary reactions 
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given elsewhere in this book, are compared with the experimental 
observations. The agreement between the rate factors is only fair 
but the agreement between the rate constants, which are directly 
observed, is excellent. 

There is a serious objection to these mechanisms for the first three 
reactions which has not yet been answered. The chain-ending 
step in the decomposition of ethane is supposed to be 

C 2 H 5 + H = C 2 H 4 + H 2 or C 2 H 6 , .... (9) 

for if the chain-ending step were 

C 2 H 5 + C 2 H 5 = C 4 H 10 or C 2 H 4 + C 2 H 6 . . . (10) 
or H + H + M = H 2 + M, .... (11) 

the mechanism would not correspond to that for an over-all first- 
order reaction. From consideration of the rate constants of similar 
reactions, it seems likely that kg is nearly equal to k\ o- Therefore 
the condition that 

*9[C 2 H 5 1 [H] >* 10 [C 2 H 5 ]2 and *„[H]2[M] 

will only be fulfilled if 

£n[M] < k 9 or Aj 0 and [H] > [C 2 H 5 ]. 

The first inequality is quite probable but the second can be shown, 
from our knowledge of the rate constants of the other elementary 
reactions, not to hold. The ratio [H] /[C 2 H 5 ] is approximately 
equal to k 12 /Xr 13 [C 2 H 6 ]. At 870° K and 100 mm pressure of ethane 
it is approximately equal to 0*02. Similarly it may be shown that 

C 2 H 5 = C 2 H 4 + H .... (12) 

H + C 2 H 6 = H 2 + C 2 H 5 .... (13) 

the cross-terminations of radicals proposed in the other two reaction 
systems do not fit in with our present views on the magnitudes of 
the rate constants, which otherwise satisfy the requirements of the 
mechanisms. The same objection may be raised to the mechanisms 
proposed for the decompositions of the chlorohydrocarbons and has 

not yet been satisfactorily answered. 

One aspect of these reactions has not received the attention which 
it would seem to deserve ; that is the possibility that heterogeneous 
processes are of prime importance. Many workers have found it 
necessary when studying both molecular and radical reactions to 
age or treat the surfaces of their reaction vessels in a peculiar way 
before they could obtain reproducible results. They have then 
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relied upon packing the vessel with powder or better with thin- 
walled tubing to increase the surface : volume ratio as a test for 
homogeneity. Rice and Herzfeld 2 °i have recently pointed out 
that if reaction chains in decompositions, as in oxidations, both 
start and finish at the wall, variation of the surface : volume ratio 
might not bring about any change in the rate constant. No con¬ 
clusive test of this hypothesis has yet been made. 


3.5 Thermal Decompositions in the presence of 

Nitric Oxide 

When nitric oxide is mixed with the vapour of an organic compound, 
which normally decomposes by a radical-chain mechanism, the rate 
of the decomposition is usually reduced. 1 his eifect is often used as 
a diagnostic test for a radical reaction. It is thought that the nitric 
oxide reacts with and removes the chain-carrying radicals. Hinshel- 
wood and his collaborators have studied the decompositions of 
many organic compounds mixed with so much nitric oxide that the 
systems were kinetically c saturated ’ ; further additions of nitric 
oxide did not reduce the rates. They believed that the residual 
reactions, which they studied in considerable detail, were molecular 
processes. 

The earliest studies of decompositions fully inhibited by nitric 
oxide were those of hydrocarbons, ethers and aldehydes 202 . Since 
1948 most attention has been devoted to the study of the decom¬ 
positions of the lower alkanes 20 3’ 204 and it is only this work which 
we shall consider here. The method of investigation was simple : 
the mixture of the alkane with 0 to 20 per cent of nitric oxide was 
admitted at a pressure of 50 to 500 mm to a silica bulb contained in 
an electric furnace ; the change in pressure with time was then 
followed with a mercury manometer 205 . When the reactions were 
studied at pressures between 0 • 1 and 50 mm the pressure changes 
were followed with a Bourdon gauge 206 . At first it was assumed that 
the initial rate of change of pressure was proportional to the initial 
rate of the reaction ; there was some criticism of this assumption. 
However, it has since been established that the pressure change 
during the initial stages of the decomposition of w-butane is pro¬ 
portional to the amount of butane decomposed 206 . The reactions 
were tested for heterogeneity by packing the reactor with silica 
tubes and by coating it with potassium chloride ; no direct evidence 
of any considerable heterogeneous reaction was found. 

The primary products of the decomposition of the alkanes are 
two fragments : the first is a small saturated compound, either 
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hydrogen, methane or ethane, and the second is a large unsaturated 
compound. It has been established for some reactions that the 
relative proportions of these different products do not vary during 
the initial stages of the reaction. The nature of the reactions made 
it impossible to establish the order of the reaction from a single run. 
As it was assumed in the discussion of the results that the reaction 
was unimolecular, it was also assumed that in its initial stages each 
individual reaction was first-order. 

I he typical effect of the addition of nitric oxide and propylene 
on the rate of decomposition of n -pentane at 530° C is shown in 
Figure 3.9. The rate falls from tq for the decomposition of the pure 


Figure 3.9. The inhi¬ 
bition of the decompo¬ 
sition of 100 mm of 
n-pentane at 530° C 
by nitric oxide (open 
circles) and propylene 
(full circles). (After 
M. G. Peard, F. J. 
Stubbs and Sir Cyril 
Hinshelwood.) 


Nitric oxide mm. 



substance to a constant value, r^, for the fully inhibited decom¬ 
position. It is a striking fact that nitric oxide and propylene reduce 
the rate of decomposition to the same minimum value and that when 
the ordinate scales are suitably adjusted the inhibition curve for one 
substance may be exactly superimposed on that for the other. From 
the illustration it can be seen that, molecule for molecule, nitric 
oxide is 12*5 times as efficient an inhibitor as propylene. 

The residual reaction in the presence of an excess of inhibitor 
might be : (a) the primary process of the chain decomposition, 

(b) the normal chain reaction imperfectly suppressed, ( c ) a surface 
reaction, ( d) a new kind of chain reaction, ( e ) a molecular reaction 
not involving free radicals. The analysis of the products is of little 
help in deciding between these alternatives for it would be expected 
that both a reaction with long chains or a molecular reaction would 
yield products similar to those which are formed in the fully inhibited 
reaction. It has been found that the products from the normal 
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and fully inhibited decompositions of n-butane 207 , //-pentane and 
//-hexane 208 are very similar. 

(a) Steacie and Folkins 207 favoured the view that the residual 
reaction is the primary step of the chain decomposition, on the 
grounds that the products of the normal and fully inhibited reactions 
would not otherwise be the same. However, this argument can be 
turned inside out ; it is extremely unlikely that the ladicals foimed 
in the primary step, for example methyl radicals from ethane, could 
yield directly the final products, ethylene and hydrogen. Moreover 
if this view were correct, the ratio r 0 /rco would equal the average 
number of links in the radical chain. This ratio varies from about 
1-1 for 2,2-dimethyl propane through 3 to 5 for the majority of the 
lower alkanes to 7 to 10 for propane. Rice-Herzfeld or similar 
chain mechanisms do not yield the observed first-order kinetics for 
the normal reaction, if the chains are as short as this. It is possible 
that comparatively few chains are started, but that all of them are 
very long. Then the rate of the fully inhibited decomposition sets 
an upper limit on the rate of the chain-initiating reaction. (/;) Echols 
and Pease 209 suggested that an equilibrium is set up, in which as 
many radicals are regenerated from a combination with nitric oxide 
as are removed ; they did not, however, suggest why the equilibrium 
concentration of radicals should be unchanged by the substitution 
of an excess of propylene for an excess of nitric oxide. Moreover, 
if the equilibrium is rapidly established, nitric oxide will not inhibit 
the decomposition, whereas if it is established slowly the addition of 
fresh nitric oxide during the course of a run would reduce the rate 
of the decomposition ; this effect is not observed. Recently doubt 
has been cast 205 upon the reliability of the experiments which were 
originally cited in support of the suggestion. However, as we shall 
see, there is evidence that nitric oxide does only partially suppress 
the free-radical reactions, (c) The possibility of a surface reaction 
cannot be simply disposed of, but there is no more direct evidence 
of heterogeneity in these reactions than in many others which are 
usually considered to be homogeneous 203 . ( d ) A possible alterna¬ 
tive chain reaction, in which the chain carriers might be immune to 
the action of nitric oxide, might be one involving hydrogen atoms. 
It is found that the addition of hydrogen to the decomposing mixture 
does increase the rate. This increase might be caused by an increase 
in the concentration of hydrogen atoms. However, if sufficient 
nitric oxide is added the residual rate is unaltered and a given 
quantity of nitric oxide always produces the same proportional 
reduction in rate 210 * 211. There is therefore no evidence that a 
hydrogen atom chain has the requisite properties. ( e) As none of 
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the above alternatives can be sustained it seems that, for want of 
a better hypothesis, the residual decomposition should be assumed 
to be moleculai. Nevertheless, there are a number of experimental 
findings which indicate that the situation may be more complicated. 

If nitric oxide were completely effective in removing free radicals 
from systems containing decomposing alkanes, it should remove 
them from other pyrolysis systems also. But the addition of small 
quantities of nitric oxide to acetaldehyde, which certainly decom¬ 
poses by a radical chain mechanism, accelerates the decomposition 
at high pressures of the aldehyde. At lower pressures, small quan¬ 
tities of nitric oxide (0*5 mm) retard the reaction slightly while 
larger quantities (3 mm) accelerate it. Methyl radicals carry the 
chain in this decomposition and probably in the decompositions of 
many of the alkanes so it is difficult to see why nitric oxide should 
have so different an action in the two cases. 

I he relative efficiencies of nitric oxide and propylene as inhibitors 
may be predicted from independent data on the assumption that 
the chain carriers are methyl radicals. It is known that > 10***3 93 
and /i *2 = 10 s * 7 mole - * c.c. sec - * 212 at 530° C, where the rate 
constants refer to the reactions 

CH 3 + NO = products .... (1) 

CH 3 + C 3 H 6 = CH 4 + C 3 H 5 .(2 

Hence, nitric oxide should react with methyl radicals at least four 
hundred times as fast as propylene and should be four hundred 
times as effective an inhibitor, instead of only 12-5 times. 

In this deduction the mode of action of the inhibitors has been 
assumed. There would seem to be little doubt that the initial 
reaction of nitric oxide is combination, though it might be thought 
that the radicals add to propylene rather than abstract hydrogen 
atoms from it; however, the radicals which are formed by addition are 
so unstable that no inhibition could occur. Thus the butyl radical 
formed by the addition of a methyl radical contains a C—G bond 
with a str ength of only some twenty kcal. At high temperatures this 
bond will break before the radical can be removed by some other 
reaction. On the other hand the weakest bond in allyl (a C—H 
bond) can be shown from thermochemical data to have a strength 
of about 68 kcal, so it should survive long enough to combine with 
another radical. It is likely that radicals primarily abstract hydro¬ 
gen atoms from other olefinic inhibitors ; therefore it is under¬ 
standable that compounds containing a-methylenic hydrogen atoms 
are good inhibitors, whereas ethylene and other substances which 
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only contain vinylic hydrogen atoms are not 213 . The alkanes are 
not good inhibitors because their radicals, formed by the loss of a 
hydrogen atom, are too unstable. 

The values which have so far been reported 204 - 214 - 215 of the rate 
factors of the fully inhibited decompositions of the alkanes are given 
in Table 3.12. We shall consider first onlv the rate factors which do 


Table 3.12. The Rate Factors fur the Fully Inhibited Decompositions 

of the Alkanes 


(a) Decompositions with activation energies independent of pressure. 


Alkane 

| 

I 

log A (sec -1 ) 

E (kcal) 

Ethane 

15*1 

75 

Propane 

15-1 

71 

2-Methyl propane 

16-2 

75 

2-Methylbutane 

; 15-6 

70 

2,2-Dimethyl pro pane 

12-5 

59 

2, 2- Dimethyl butane 

18-1 

80 


(b) Decompositions with activation energies that depend upon pressure. 


Alkane 

low pressure 

high pressure 


log A (sec -1 ) 

E (kcal) 

log A (sec -1 ) 

E (kcal) 

n-Butane 

15-0 

70 

12-7 

58 

n-Pentane 

21-1 

93 

14-2 1 

63 

n-Hexane 

17-0 

75 

12-2 

54 

n-Heptane 

20-5 

88 

| 13-8 

60 

2,3-Dimethyl butane 

22-4 

95 

12-0 

! 55 

2-Methylpentane 

20-7 

90 

10-2 

48 

3-Methylpentane 

18-8 

82 

12-2 

55 


References 204, 214, 215. 


not vary with pressure and those found at high pressures ; the 
investigators place most reliance on these. The rate factors are pre¬ 
sumed to be those of molecular elimination reactions such as we con¬ 
sidered in section 3.2 ; therefore we should expect that regularities 
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in their behaviour would be found, similar to those shown by the 
decompositions of the chlorides and bromides (Table 3.8), but 
no such regularities are found. The reader could detect many 
anomalies in the relative activation energies ; we will only draw 
attention to two. 2,2-dimethylpropane loses methane with an 
activation energy of 59 kcal and it would be expected that 2,2-di- 
methylbutane would lose methane or ethane with the same or 
lower activation energy ; but the activation energy for its decom¬ 
position is 80 kcal. Similarly, ethane loses hydrogen with an acti¬ 
vation energy of 75 kcal and 2-methylpropane requires the same 
energy to eliminate hydrogen and methane, although a much lower 
activation energy would be expected. 

The A factors of many of the decompositions are abnormally 
high. Their size is too great to be explained in terms of the sym¬ 
metry of the molecules, as was the large size of the A factor for the 
isomerization of cyc/opropane ; nor can a large positive entropy of 
activation arise through free rotation in the activated complex of a 
normal molecular elimination, as it can in a complex for a radical 
decomposition. It has been suggested that, because an alkane can 
decompose in so many different ways, a mode of decomposition 
requiring a low activation energy might be unimportant compared 
with one requiring a higher energy which need be less critically 
distributed. Thus a lock may be opened by a key which is not a 
perfect fit if sufficient force is used. The usefulness of this idea 
cannot fully be judged until it has been worked out in precise 
mathematical terms. Other explanations of the high rate factors 
are possible. Szwarc 216 has shown that high rate factors will 
generally be found if an over-all decomposition is studied undci 
conditions such that it proceeds by a radical chain mechanism which 
does not reach a steady state. It seems particularly probable that 
the high rate factors observed at low pressures should be attributed 

to this cause. 

One of the most striking features of these decompositions is the 
variation of the first-order rate constants with the pressure of the 
reactant. For example, the rate constant for the decomposition of 
w-pentane was found to be proportional to the pressure up to 0 • 2 mm, 
at 8 mm it was no longer dependent on the pressure, at 20 mm it 
again began to show a dependence on pressure and at 1000 mm it 
had almost returned to proportionality ; at still higher pressures 
the rate constant soon became independent of pressure. The 
investigators 206 postulated that the molecule decomposed by two 
alternative unimolecular reactions : the rate constants of both 
would be expected to fall-off at sufficiently low pressures until they 
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ultimately became proportional to the pressure. On the simple 
Hinshelwood-Lindemann theory, the total rate constant would 
then be given by an equation of the form 

k = ap/( 1 + a'p) + bp/(I + b'p). 

It was found that a very close fit could be achieved between equa¬ 
tions of this form and the experimental results on the alkanes listed 
in section (b) of Table 3.12. The observed rates of reaction usually 
require that the energy in the more complex molecules is spread 
over some ten degrees of freedom. Now we have seen in section 2.5 
that the H—L theory does not describe satisfactorily the behaviour 
of molecules with so many degrees of freedom. They must be 
treated by the more elaborate theories which predict that the change 
from first-order to second-order behaviour will only occur if the 
pressure changes by a factor of 10 4 , not 10 2 . Moreover these theories 
predict that the change should occur at far higher pressures for a 
reaction with a rate constant given by 

k = 10 21 exp (— 93 000 jRT) sec -1 (taking the ‘low-pressure 
reaction ’ of n-pentane as an example) than for a reaction with a 
rate constant given by 

k — 10 14 exp (— 63 0001RT) sec -1 (the ‘ high-pressure reaction ’ 
of ^-pentane). This statement would still be true even if twice the 
number of effective oscillators were involved in the first reaction. 
Hence, it can be seen that the detailed findings are not yet satis¬ 
factorily understood. 

Recently attempts have been made to obtain decisive evidence 
on the question of whether the fully inhibited decompositions are 
wholly molecular by studying the isotopic exchange that occurs 
when a deuterated compound is decomposed in the presence of one 
containing normal hydrogen atoms. It is clear that if the decom¬ 
positions are wholly molecular no homogeneous exchange should 
occur. Wall and Moore 217 found that isotopic mixing of the products 
formed by decomposing a mixture of C 2 H 6 and C 2 D 6 was much 
reduced by the addition of nitric oxide ; thus showing that the free 
radical reactions were curtailed : but they only added 5 per cent 
of nitric oxide whereas 10 per cent is required for full inhibition 21 8 
so the results are inconclusive. Rice and Varnerin 21 ^ have recently 
shown that although the addition of nitric oxide much reduces the 
rate of decomposition of G 2 D 6 in the presence of GH 4 , the extent 
of isotopic mixing depends only upon the fractional decomposition 
and not upon the concentration of NO. This is strong evidence 
that ethane always decomposes predominantly by a free radical 
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mechanism. The possibility that the exchange occurs heterogene¬ 
ously has not been directly eliminated, but such exchange would 
hardly explain the results of Rice and Varnerin. Unfortunately 
the preparation of the fully deuterated alkanes, which are neces¬ 
sary for experiments of this type, is not a simple matter and the 
difficulty increases with the complexity of the compound. It 
will therefore probably be some time before any large number of 
decompositions can be studied in this way. It would be unwise 
to generalize the findings with ethane and suppose that all the 
fully inhibited decompositions involve free radical reactions. 
Indeed something might be gained if the results on each individual 
reaction were examined separately. All fully inhibited decom¬ 
positions do not necessarily proceed by a few well-defined and 
similar mechanisms. 

The results which Hinshelwood and his collaborators 204 have 
obtained so far are obviously of great interest and if further investi¬ 
gations confirm the interpretation which they have placed upon 
them, the current theories of unimolecular reactions will have to 
be drastically revised. However it would seem to be premature 
to discard these theories which are supported by equally careful 
observations of much simpler systems. 


3.6 Relations between Activation Energies and 

A Factors 

Many workers have found when studying series of similar reactions 
that the parameters of the Arrhenius equations obey simple func¬ 
tional relationships which are generally of the form 220 

log A = bE + c. 

The fit between the curve and the experimental points is often 
remarkably good. Excellent examples of such relations have been 
reported for series of heterogeneous reactions and for series of both 
first- and second-order ionic reactions in solution. The relations 
which have been reported for two series of free radical reactions in 
solution 221 « 222 and the series of chlorohydrocarbon decompositions 

in the gas phase 213 are much less satisfactory. 

The factors which affect the rates of heterogeneous reactions are 

not likely to be similar to those which govern reactions in the gas 
phase ; consequently the behaviour of the heterogeneous reactions 
may be ignored in this discussion. But if the behaviour ol the 
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liquid phase reactions is not solely the result of the presence of the 
solvent it may provide a clue to the understanding of gas reactions. 
Now simple relations between entropy and energy are not only 
found in reacting systems ; the entropies and heats of solution of 
many gases in inert solvents are similarly related and a satisfactory 
theory of this phenomenon has been developed 223 . It is reasonable 
to suppose that similar relations hold for the heats and entropies 
of solution of many reactants and of the activated complexes to 
which they give rise. If this is so, then the entropies and energies 
of activation are also likely to be simply related. Hence the 
existence of these relations governing the rate factors of reac¬ 
tions in solution is no reason why they should also govern the rate 
factors of reactions in the gas phase. They provide no clue to 
the nature of the basic factors determining the rates of chemical 
reactions. 

Before we consider the sole example of such a relation in the gas 
phase it will be well to note that these relations may arise from 
experimental errors. The reader can quickly verify that if every 
reaction in a series had the same E and A , and the series were 
studied inaccurately, then an exact linear relation would be found 
between the experimental values of log A and E. Other kinds of 
errors may also lead to these relations. The writer (unpublished 
results !) once found a very exact relation between the rate factors 
of some methyl radical reactions with alkanes in the gas phase ; the 
relation disappeared when the radical source (acetone) was properly 
mixed with the alkane in the reaction vessel. 

The linear relation 213 which has been found between log A and 
E for the molecular decompositions of chlorohydrocarbons, which 
do not have more than one chlorine atom attached to any one 
carbon atom, does not seem to arise from experimental error, for 
the range of activation energies (20 kcal) over which it holds is 
great. The existence of this relation is, however, no reason for 
discarding the currently accepted theories of chemical kinetics 
because they fail to predict it. The relation is unique in the gas 
phase. Neither the rate factors for the free radical decompositions 
of organic bromides 224 nor those for the reactions of methyl radicals 
with compounds containing hydrogen (section 4.2), to mention 
two series which have been particularly fully investigated, are 
related in this way. Even the relation connecting the rate factors 
of the chlorohydrocarbons is of very limited application. It does 
not connect the rate factors for the decompositions of those chloro¬ 
hydrocarbons which have more than one chlorine atom attached 
to any one carbon atom. 


11 


G.K. 
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TRANSFER REACTIONS 

In this chapter we shall consider the reactions in which atoms are 
transferred from one molecule to another. The simplest members 
of this class are those reactions in which a single atom is transferred ; 
they are known as metathetical or three-centre reactions because 
they may all be schematically represented by the attack of an atom 
on a diatomic molecule : 

A + BC = AB + G. 

These simple reactions will be discussed before those in which two 
or more atoms are transferred simultaneously. 


4.1 The Metathetical Reactions of Atoms resulting 

in the Transfer of a Hydrogen Atom 

The metathetical reactions of atoms with hydrogen-containing 
compounds, which may be represented by the equation 

X + RH = XH + R, 

resulting in the combination of a hydrogen atom with the attacking 
atom, were among the first free-radical reactions to be identified 
and studied quantitatively. There are, however, a number of 
difficulties that are peculiar to the investigation of this class of 
reaction which have made the going slow ; consequently, despite 
many careful studies, our present knowledge of the rate constants 
is limited. In planning the investigation of a metathetical reaction, 
the worker is faced with three principal problems : first, to find a 
suitable source of atoms or radicals, X ; second, to find a measure 
of the concentrations of the reactants, X and RH ; and third, to 
find a method of following the formation of the products, XH and 
R. Usually, the problem of measuring the concentrations of the 
reactants is simplified by having the compound RH in large excess 
so that its known concentration remains substantially unchanged 
throughout a run. Furthermore, the rate of formation of the 
products is often found by the measurement of only one product, 
XH, at the end of the run. This procedure has the advantage that 
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standard chemical analysis, rather than physical methods, can be 
used, but is laborious for only one point on the reaction-time curve 
is obtained from each run. 

The atoms, X, are very often produced by the electrical, ther¬ 
mal or photochemical dissociation of the diatomic molecules, X 2 , 
and hence these molecules are usually present in considerable 
concentration. 

The concentrations of free radicals are often found by measuring 
the rate of formation of the radical dimer because its rate of forma¬ 
tion is proportional to the square of the radical concentration. But 
the presence of large quantities of X 2 in the system makes it impos¬ 
sible to determine the concentrations of atoms, X, in this way, for 
the product of combination is indistinguishable from the source 
of atoms ; consequently it is necessary to devise other means of 
finding the concentrations of atoms. The need to surmount this 
obstacle is the most important single factor influencing the design 
of experiments on atomic reactions. 

The Reactions of Hydrogen Atoms 

The study of hydrogen atom reactions of the type 

H + RH = H 2 + R 

presents additional problems, because the product molecule is the 
same as that which is formed by combination and that from which 
the atoms are usually derived. These difficulties can only be over¬ 
come because of the peculiar attributes of hydrogen such as the 
ready availability of the heavy isotope deuterium, a high rate of 
combination on metal surfaces, the existence of a separable para- 
modification and a large proportional difference between the square 
roots of the weights of the atom and of the molecule. Almost all 
of the methods which have been used for studying hydrogen atom 
reactions depend upon one or more of these properties. 

At room temperature and above hydrogen molecules at equi¬ 
librium consist of a mixture of three ortho-hydrogen molecules, in 
which the spins of the nuclei are parallel, and one para-molecule, in 
which the spins are opposed. The transition from one form to the 
other is forbidden and will only take place if a catalyst such as 
charcoal or a paramagnetic substance is present. At 20° K, the 
boiling point of liquid hydrogen, hydrogen gas at equilibrium 
contains 99 • 8 per cent para-hydrogen molecules. Consequently, 
almost pure para-hydrogen may be prepared by passing the gas over 
activated charcoal at this temperature. If liquid hydrogen is not 
available, hydrogen with 40 per cent or higher para content may 
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be prepared by cooling the charcoal in a bath of liquid nitrogen 
boiling under reduced pressure. The para content of a specimen 
of pure hydrogen may be determined with an accuracy of ) 0 • 2 per 
cent by measuring the thermal conductivity of the gas 1 * 2 . Since 
the chemical reaction of a hydrogen atom with a para-hydrogen 
molecule, according to the equation 

H -f- fi—M2 = n— H2 + H, 


yields a molecule in equilibrium with its environment, the simplest 
of all metathetical reactions can be detected. 



Hydrocarbon or 
other reactant 


Figure 4.1. Apparatus for the investigation of 
hydrogen atom reactions by the discharge- 
tube technique. 


The conversion reaction only takes place rapidly at room tem¬ 
perature if the concentration of hydrogen atoms is very large. 
Such large concentrations of atoms can be produced by passing an 
electrical discharge through hydrogen at about half a millimetre 
pressure 3 in an apparatus similar to that shown in Figure 4.1 , which 
is a schematic drawing of a modern type of apparatus based on a 
design by Geib and Harteck*. Hydrogen gas is fed into the 
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apparatus at A and dissociated by the discharge passed between the 
electrodes X and T. It can be readily seen from the emission of 
light that the discharge is largely confined to the U-tube, out of 
which the mixture of atoms and molecules flows into the reaction 
vessel B. All the glassware is ‘ poisoned ’ either with sulphuric or, 
more usually, with phosphoric acid to inhibit the heterogeneous 
combination of the atoms. The other reactant, in this case para- 
hydrogen, is led through C into the reaction vessel where complete 
mixing of the gases should take place. The hydrogen mixture is 
then pumped through Z), which is a trap immersed in liquid air 
that converts all the hydrogen atoms to molecules, and through an 
analysis system consisting of two balanced thermal conductivity 
gauges. The amount of reaction that has taken place is measured 
by comparing the reading of the conductivity gauges with that found 
when the para-hydrogen is not fed into the hydrogen stream until 
after all the atoms have recombined in trap D. 

The total pressure in the reaction vessel is normally between 0 • 3 
and 0-6 mm and the flow rates are such that the mean time which 
a reactant molecule spends in the vessel is between 0-4 and 0-9 sec. 

The concentrations of the hydrogen atoms at the top and bottom 
of the reaction vessel are determined by the Wrede-Harteck gauges, 
M and N5-8. 

In Geib and Harteck’s 4 experiments on the reaction of hydrogen 
atoms with hydrogen, about thirty per cent of the hydrogen admitted 
was para-hydrogen. From a knowledge of the length of time the 
gases spend in the reaction zone (calculated from the flow constants 
of the apparatus), of the change in the para-hydrogen concen¬ 
tration, and of the concentration of hydrogen atoms, the rate of 
the reaction of hydrogen molecules with hydrogen atoms may be 
calculated. The biggest single error lies in the estimation cf the 
extent of the reaction zone. The results obtained by this method 
are shown in Figure 4.2. 

Farkas 9-11 found that the thermal conversion of para-hydrogen 
to normal hydrogen may be conveniently studied at temperatures 
around 1000° K. In quartz vessels, the reaction is homogeneous 
and its rate is proportional to the first power of the excess para- 
hydrogen concentration and to the one-half power of the total 
hydrogen concentration. These facts, as the reader may readily 
verify by solving the steady state equations for hydrogen atoms, 
are in accord with the following mechanism, 

H 2 + H 2 = H + H + H 2 

Ft T P~^2 ~ ft—H 2 "h H 
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for if the equilibrium constant of reaction 1 is defined by 

A'l = [H]2/[H 2 ], 

then - d[*/>-H 2 ] Idt = k 2 [xp-H 2 ]K^ 2[H 2 ]i 2, 

where [*/;-H 2 ] is the para-hydrogen content of the mixture in 
excess of the equilibrium concentration. Since the para-hydrogen 
and the total hydrogen concentrations can be measured and the 
equilibrium constant, is known, the velocity constant k 2 may be 
found. The results of Farkas together with some more recent 
results of Van Meersche 12 , who extended the temperature range of 
the investigation, are also given in Figure 4.2. 


Figure 4.2. Arrhenius plot for the reaction of 
hydrogen atoms with hydrogen molecules. 
Results of: 

# Farkas 
O Van Meersche 
f) Gcib and Harteck 
3 Melville and Robb 

The number of points determined by Farkas and 
Van Meersche was so great that individual repre¬ 
sentation on a diagram of this scale is not possible. 
The area which was covered is indicated by the 
enlarged points. 


7 2 3 V 

10 3 /T —- °K 



There is some evidence 2 that a hydrogen atom striking a surface 
of molybdenum or tungstic oxide reacts on every collision. It has 
been proved that almost all of the hydrogen atoms produced by the 
mercury photosensitization of hydrogen in a vessel containing a 
molybdenum oxide surface are eventually removed by reaction 
with the oxide. It should be noted that for the purposes of the 
present argument a hydrogen atom is not ‘ removed ’ if it reacts 
with a hydrogen molecule. Hence, in a reaction vessel with suitable 
geometry, the mean lifetime of a hydrogen atom may be calculated 
by solving the diffusion equations. The rate of production o 
hydrogen atoms may be found by measuring the light absorbed 
and, therefore, the steady state concentration of hydrogen atoms 
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can be calculated. If the reaction vessel is filled with para-hydro¬ 
gen, k 2 may then be found by measuring the rate at which it is 
converted to normal hydrogen. The single value of k 2 that has 
been found 2 by this method is also plotted in Figure 4.2. 

It cannot be claimed that any of these three methods of measuring 
k 2 is of high accuracy. Certainly great caution should be exercised 
in deducing an activation energy, E 2i from either the thermal or 
the discharge tube results alone. The activation energy directly 
measured by the thermal method is of the order of 58 kcal, from 
which half the dissociation energy of the hydrogen molecule 
(1 /2.104 kcal) must be subtracted to find E 2 , a numerically small 
quantity in which all the errors accumulate. The discharge tube 
method is not considered suitable by most workers for the determina¬ 
tion of temperature coefficients, because of the difficulty of poisoning 
the glass surfaces at high temperatures. This difficulty is somewhat 
offset in the present case, because the atomic concentrations can 
be measured continuously. However, both methods should give 
values for the rate constant good to a factor of two. Moreover the 
low-temperature work receives some support from the determination 
by the molybdenum oxide method. The results may be treated as 
though they were the product of two measurements of the rate 
constant, one at 1000° K and the other at room temperature, which 
yield as the best values for E 2 and A 2 , 7*5 ± 1 kcal and 10 13 *7 
mole -1 c.c. sec -1 respectively. 

The rates of the ortho- to para-deuterium conversion and of the 
exchange between deuterium and hydrogen molecules have also 
been measured by the thermal method 11 * 12 . Quite accurate 
relative values for the rate constants of the reactions 


H + H 2 — H 2 + H .... (2) 

D + D 2 = D 2 + D .... (3) 

H -\~ T) 2 == HD + D .... (4) 

D + H 2 = DH + H .... (5) 


have been found, though the experiments are not accurate enough 
and were not conducted over a sufficient range of temperatures for 
it to be possible to measure the differences in the activation energies. 
Now that deuterium is fairly readily available, the rate of the 
ortho- to para-deuterium reaction could be measured by the dis¬ 
charge-tube method, but this has not yet been done. From the 
four observed rate constants, the rate constants of four more re¬ 
actions may be calculated by combining the observed rates with 
calculable equilibrium constants. Thus the rate constant k- 4 may 
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be calculated from k 4 and K 4 . The rate constants recommended by 
van Meersche 12 for all reactions of this type are given in Table 4.1. 


Table 4.1. 


The Reactions of Hydrogen Atoms with Hydrogen after Van Meersche 12 


Reaction 

10 -11 & mole - ! c.c. 
sec-l at 1000 ° K 

Relative Rate Constants 

at 1000° K 

Experimental 

Calculated 

H + H 2 = H 2 + H 

22*0 

1-00 


H + D 2 = HD + D 

11-2 

0-51 

0-49 

D-f H 2 = HD + H 

18-3 \ 

0*83 


D + D 2 = D 2 + D 

7-8 

0-35 

0-51 

D + DH = D 2 + H 

7-6 

0-35 

0-33 

H + HD=H 2 + D 

6-9 

0-31 


H + DH = HD + H 

7-9 

0-36 

0-35 

D + HD=DH+D 

6-9 

0-31 

0-29 


The calculated values were obtained by application of the transition state theory. 


Alongside them are given the rate constants calculated according 
to the theory of absolute reaction rates after Hirschfelder, Eyring 
and Topley 1 ^ ; the agreement is surprisingly good. The variation 
of the rate constants in this series was first attributed by Farkas and 
Farkas 11 to the variations in the zero point energies of the initial 
diatomic molecules and the triatomic complexes. However their 
estimation of these energies was oversimplified 14 . It is probable 
that the activation energies of the reactions lie within the com¬ 
paratively narrow range of 0-26 kcaUS corresponding to a variation 
in the rates of only 10 per cent. This series is therefore a good 
example of changes in rotational entropy having a predominant 

influence on the relative rates of reactions. 

The Wood-Bonhoeffer discharge tube, described above, provides 
a copious stream of hydrogen atoms and has been used to study 
their reactions with many substances especially hydrocarbons and 
the simpler organic compounds of kinetic interest. The method is 
similar to that used to study the para-hydrogen conversion. The 
reactants are introduced at C (.Figure 4.1) and the products are drawn 
through the diffusion pump into a collecting system with silica gel 
traps, immersed in liquid nitrogen, to absorb the hydrogen and 
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methane. The products are subsequently analysed at leisure by 
conventional means. Apart from hydrogen, they consist largely 
of methane and small quantities of the lower alkanes from hydro- 
cai bons, and water and ammonia from compounds containing 
oxygen and nitrogen, together with considerable quantities of 
unchanged reactant. 

Before any rate constants can be calculated the concentration of 
hydrogen atoms and the mean time spent by a molecule in the 
reaction zone must be found, and, most important of all, the 
mechanism of the reaction must be determined. A Wrede-Harteck 
gauge cannot be used to measure the concentration of hydrogen 
atoms during a run because it will not work if any species other than 
hydrogen are present. Since direct measurements are impossible, 
the best that can be done is to measure the concentrations of atoms 
immediately before and after the runs with organic molecules and 
then to assume that the presence of the molecules does not reduce 
the concentration significantly. This condition will probably be 
fulfilled if the concentration of organic molecules never rises so high 
that the supply of hydrogen atoms is depleted by the reaction. The 
problem of depletion is more serious when, say, the reactant is 
benzene, which requires eighteen atoms for complete hydrogena¬ 
tion, than when it is propane, which only requires four. It can be 
solved by working at very low ratios of reactant to hydrogen 
concentration and by adjusting the conditions so that some ten to 
twenty per cent of the hydrocarbon reacts. Originally, it was very 
difficult to analyse the small quantities of products which were 
obtained when the ratio of hydrogen atoms to organic molecules 
was as high as fifty to one but this obstacle has been overcome by 
the use of modern micro-techniques. In fact the greater reliability 

of the modern work may be largely attributed to the improvement 
in analytical methods. 

The mean time which a molecule spends in the reaction zone is 
conventionally found by dividing the volume of the reaction vessel 
by the rate of flow of the gas. This procedure may not be entirely 
realistic, but Vance and BaumannK> have made detailed calculations 
on this point from which we may conclude that the procedure is 
adequate and that effectively complete mixing of the reactants does 
occur. At all events, the errors which may arise from this simpli¬ 
fication are small. A less desirable convention, which has been 
adopted by almost all workers with this technique, is the expression 
oi the experimental results in terms of collision yields rather than 
rate constants. When the collision diameters assumed for the 
calculation of the yields are reported, the reader can recalculate 
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the rate constants in a few minutes, but often the figures are not 
given, so that only a rough guess at the rate constant can be made. 
In the absence of the complete figures for molecular diameters the 
results given in the table are collision yields. The reason for the 
convention is that investigators have habitually calculated ‘ activa¬ 
tion energies ’ from the formula 

Collision yield X 10 = exp (— E\RT) 


which is equivalent to the assumption of a uniform collision theory 
steric factor of one-tenth for all reactions. 

Rate constants have almost always been calculated on the 
assumption that the primary rate-determining reaction is the 
abstraction of a hydrogen atom from the organic molecule and that 
the resulting radical is rapidly ‘ cracked ’, largely to methane. 
Any other products which may be found can usually be accom¬ 
modated within this flexible framework. There is only a small 
amount of direct evidence for the ‘ cracking ’ mechanism, derived 
from the study of the deuteration of methane , 17 but all the results 
seem to be concordant with it. The following scheme for propane 


is an example of such a mechanism. 

H + C 3 H 8 = H 2 T C 3 H 7 .... (1) 

C 3 H 7 + H = C 3 H 8 * .... (2) 

C 3 H 8 * = CH 3 + C 2 H 5 .... (3) 

c 2 h 5 + h = c 2 h 6 * • • • ■ w 

C 2 H 6 *=2CH 3 . .... (5) 


The molecules produced by reactions 2 and 4 are marked with a 
star because they contain about 100 kcal of energy in excess of 
the normal amount. This energy is released in the formation ol 
the C—H bond. These molecules may be stabilized by colllsI ° 
with other molecules or with the walls of the reaction vessel ( ), 

C 3 H 8 * + M = C 3 H 8 + M .... ( 6 ) 

but as the carbon-carbon bond dissociation energy is only of the 

order of 85 kcal there is a high probability that at the pr ^‘ 1 ® 
low pressure they will decompose by reactions 3 or 5. A checK on 
,hU mechanism has been obtained by the study ofthe reactionst of 
deuterium atoms. Any molecules formed by reaction 2 which 
later stabilized will turn up in the products as the deuterated f orm 
of the original compound. The amount of deuteration found 
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several reactions is given in Table 4.2. The results on the normal 
alkanes are particularly instructive for as would be expected the 
importance of reactions of type 6 relative to those of type 3 increases 
as the molecule becomes more complex and as the lifetime of the 
energized molecule increases. If this interpretation of the reaction 


Table 4.2. The Rates of Reactions of the Type 
H + RH = H 2 + R and D + RH = HD + R 
as measured by the Discharge Tube Method 



Hydrogen Atom Reactions 

Deuterium Atom Reactions 


Compound 

i 

10’. Col- 
list on 
yield 

/•; 

Real 

10’. Col¬ 
lision 
yield for 
reaction 

10’. Col¬ 
lision 
yield for 
cxcha ngc 

10’. Total 
collision 
yield 

T. 

centage 

exchange 

.. —— 

Ii 

Real 

Ref. 

Ethane 

0-20 

90 



1 

0-30 

8-8 

8-7 

18 

Propane 

0-46 

8-6 

1 ■ 1 

0-21 

1-3 

6 ! 

8-0 

19 

n-Butane 

0-31 

8-9 

0-9 

0-5 

1-4 1 

13 ! 

7-9 

19 

n -Pentane 

0-59 

85 

0-7 

1 -4 

2*1 

36 

7-8 

19 

n- Hexane 

0-22 

9-1 

0-9 

1-9 ! 

2-8 

50 

80 

19 

Cyclopropane 

0-11 

9-5 

0-3 

0 

0-3 

0 

9*3 

19 

Cyclo butane 

M 

8-2 

2*5 

0 

2-5 

0 

7-7 

19 

Cyclopentane 

3-0 

7-5 

5-2 

10-4 

16 

40 

6-6 

19 

Cyclo hexane 

1 • 4 

8-0 

3-3 

3-6 

! 7 

33 : 

7-2 

19 

Methane 

I 



40 (at 450° C) 


13-5 

20 

2 -Methylpropane 

0-24 

9-3 






21 

2,2-Dimethyl propane 

0-17 

9-2 


1 • 


' 


18 

Benzene 

>5 

<7 

>5 

>10 

>15 

; >40 

<6 

19 

Acetone 

0-35 

8-8 

0*45 

0-15 

0-6 

: 4 

8-0 

22 

Acetaldehyde 


<6 



1 



23 

Dimethyl mercury 


<6 






24 

1 


All the determinations were made at room temperature unless it is specifically stated to the contrary. 


system is valid, then it is correct to find the collision yield for re¬ 
action 1, in which we are interested, by adding the collision yield 
for the decomposition of the molecule to that for the deuteration. 
If the molecule was deuterated by a reaction of type 7 then the 

D + G 3 H 8 = C 3 H 7 D + H .... (7) 

rate constant calculated for reaction 1 would be too high ; but, at 
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the moment, there is no evidence that reactions like 7 occur. A 
selection of collision yields and activation energies calculated on 
the basis of these simple assumptions is given in Table 4.2. 

Undoubtedly the most serious limitation of the method is that 
it is unsuitable foi the determination of temperature coefficients. 
They might be measured by making accurate observations over a 
small temperature range or rough measurements over a large one. 
However, neither alternative is satisfactory, the first because the 
technique cannot be sufficiently refined and the second because 
it is impossible to poison the glass walls of the apparatus at high 
temperatures. Efficient poisoning is particularly necessary when 

the hydrogen atom concentration cannot be measured during the 
runs. 

Three other general methods have been developed for the 
quantitative study of the metathetical reactions of hydrogen atoms, 
but as yet none of them has been used to measure any considerable 
number of rate constants. The first method relates the rate con¬ 
stants of the reactions studied to that found for the para- to ortho¬ 
hydrogen conversion, the second relates them to the rate constant 
for the reaction of a deuterium atom with a hydrogen molecule, 
and the third method is absolute. 

Melville and Robb 2 have shown that it is possible to relate very 
directly the rate of reaction of a hydrogen atom with a para-hydro- 
gen molecule to the rate of reaction of an atom with a saturated 
hydrocarbon or, for that matter, with any hydrogen-containing 
compound of suitable reactivity. They only measured the rate 
constants at room temperature for the reactions with n- hexane and 
cyc/ohexane. They found values of 10 7 * 6 and 10 7 * 5 mole -1 c.c. sec -1 
respectively on the assumption that k 2 was 10 8>1 mole -1 c.c. sec -1 , as 
found by Geib and Harteck 4 . These values of k are in fair agree¬ 
ment with those obtained by the discharge-tube method. 

Darwent and Roberts 26 * 27 have developed a method for study¬ 
ing the metathetical reactions of hydrogen atoms, or to be more 
precise of deuterium atoms, which has many advantages. It is 
applicable to most compounds, it is suitable for the determina¬ 
tion of temperature coefficients, and the elementary reactions 
taking place in the system are well defined. Unfortunately, the 
method is not absolute and can only be used in laboratories in 
which a mass-spectrometer built to analyse hydrogen-deuterium 
mixtures is available. The atoms are produced by the photolysis 
of deuterium sulphide, using a cadmium or mercury lamp, which 
in the absence of other gases gives rise to the following sequence 
of reactions 
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D 2 S+/;v = D+DS .... ( 1 ) 

D + D 2 S = D 2 + DS .... (2) 

2DS = D 2 S + S. .... (3) 

In the presence of a hydrogen-containing compound, RH, reaction 4 
also takes place. Then, if the photolysis is stopped before any con- 

D + RH = HD + R .... (4) 

siderable fraction of either the deuterium sulphide or the compound 
RH has reacted, 

^HD _ ^4 [D 2 S] 

k 2 [RH]‘ 

Consequently if k 2 is known, k 4 may be found by determining the 
deuterium content of the hydrogen produced in the photolysis. 
Darwent and Roberts found k 2 by investigating the products of the 
photolysis when RH was hydrogen and assuming that k 5 = 1 0 1 3*4 x 
ex P (— 5 000 /RT) mole-l c.c. sec-1, which is the value given by 

D + H 2 = DH + H .... (5) 

Farkas and Farkas 11 . The reactions were studied over the unusually 
large temperature range from room temperature to over 300° C ; 
consequently the linear Arrhenius plots which were obtained may 
be interpreted as good evidence for the correctness of the assumed 
mechanism. The authors give the results listed in Table 4.3 from 


Table 4.3. The Reactions of Deuterium Atoms with Hydrocarbons 

D + RH = HD + R 


Hydrocarbon 

E 

(kcal) 

log A 

(molc _ l c.c. sec“I) 

107 Collision 
yield at 25° C 

Results from 
Table 4.2 

Ethane 

9-0 

14-4 

1-3 

0-3 

Propane 

7-2 

14-5 

3-3 

1-2 

n-Butane 

7-1 

14-5 

4.1 

1 -5 

2-Methylpropane 

6-3 

14-5 

16-0 


Propylene 

5-0 

13-7 

220 

—— ~ 

2-Butene 

5-0 

14-1 

670 



These results were obtained by Darwent and Roberts* 6 . 

They are all based on an assumed rate constant for the reaction 


D + H, = HD + H 


of * = exp (- 5 000 /RT) mole-* c.c. sec-*. 

J O kcal and the A factors a factor of 10 0 3 too low. 


Consequently the 


activation 


energies 


may be 
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which it can be seen that the agreement of these collision yields 
with those obtained by the discharge-tube method is good ; no 
great weight should be attached to this apparent agreement. 
The collision yields would differ by a factor of thirty if a value of k 5 
consistent with the rate constant of reaction 6 as determined by 
Geib and Harteck 4 in the low-temperature range had been used 

H + H 2 = H 2 + H .... (6) 

instead of that determined by Farkas and Farkas at 1000° K. If a 
value of the rate constant k 5 consistent with the value of k 6 , which is 
recommended earlier in this section, were selected all the activation 
energies would have to be increased by 2-5 kcal, and all the A 
factors by a factor of two. Despite these uncertainties as to the 
absolute values of the rate factors considerable confidence may be 
placed in the determination of their relative magnitudes. 

Calvert and Steacie 28 had previously shown that the rate con¬ 
stants for the attack of deuterium atoms on suitable compounds 
containing hydrogen could similarly be obtained if deutero- 
formaldehyde was used as the source of atoms. But unfortunately 
deutero-formaldehyde is not readily prepared and the experiments 
are in many ways more difficult to perform. As yet no rate constants 
determined by this method have been reported. 

The reactions of hydrogen atoms at a pressure of about 10 -3 mm, 
which is intermediate between that obtained in a discharge tube 
and in photolytic experiments, may be studied in an apparatus 
developed by LeRoy and his co-workers 29 * 30 . The atoms are 
produced in a stream of molecular hydrogen at a pressure of a 
few millimetres by dissociation on a tungsten filament. They are 
detected and their concentrations measured by observation of the 
heat evolved when they combine on a platinum filament placed 
farther down the tube. After the concentration gradient in the 
poisoned glass tube has been plotted, the effect of injecting a reagent 
into the stream at pressures of about 10 - 3 mm is measured. Subse¬ 
quently the products of the reaction may be collected and analysed. 
This method, which, because of its precision, is suitable for the 
determination of temperature coefficients, combines the advan¬ 
tages of the discharge tube and mirror techniques. As yet only 
the reactions of hydrogen atoms with ethane and methane 
have been investigated : the rate constants found were, for ethane 
k= 10i 2 *5exp (-6800 /RT) = 100-6mole~i c .c.sec-1 at250°C 3 »- 32 , 
and for methane k^ 1010-5 ex p (-6 600 /RT) mole-l c .c. sec-l 33 . 
However, many workers do not believe that the activation energies 
and A factors of the reactions are as low as the results obtained by 
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this elegant method indicate. The reasons for this doubt will 
become apparent when our knowledge of metathetical reactions 
as a whole is discussed later in this chapter. 

The Reactions of Chlorine Atoms 
The reactions of the type 

Cl + RH = HC1 + R 

may be studied more directly than the similar reactions of hydrogen 
atoms, because they may be followed by measurements of the hydro¬ 
gen chloride produced. When a mixture of chlorine and a hydro¬ 
carbon or hydrogen is heated to about 200' C or is irradiated with 
light of a wavelength less than 4875A at room temperature, a chain 
reaction is initiated. The first step is clearly the dissociation of a 
chlorine molecule into atoms, 1, which is followed by the chain 
carrying reactions 2 and 3. Since the bond strengths Z)(H—Cl), 

Cl 2 = Cl + Cl .... (1) 

Cl + RH = HC1 + R .... (2) 

R + Cl 2 = RC1 + Cl. .... (3) 

D(K —Cl), Z)(R—H) and Z)(C1—Cl) are usually about 103, 81, 
100 and 58 kcal respectively, reactions 2 and 3 are exothermic. As 
might be expected they have very low activation energies. Conse¬ 
quently these chain-carrying reactions are very fast and the chains 
are long ; quantum yields as high as 106 have been observed^. 
One result is that such small quantities of products are formed by 
the chain-ending reactions that they cannot be identified by analysis. 
Another result of the existence of the long chains is the marked 
dependence of the over-all rate on the presence of trace contaminants 
in the reaction mixture. 

The photochemical combination of hydrogen with chlorine has 
been the subject of several hundred investigations, most of which 
were carried out in the years from 1900-1940. In retrospect, it 
seems that the amount of positive information which has been 
derived from this work is disproportionately small, though it did 
give rise to two ideas of the first importance, those of atomic re¬ 
actions and atomic chains. Moreover, in connection with the work, 
Bodenstein and his co-workers developed many of the most valuable 
vacuum techniques in order to overcome the difficulties of handling 
highly corrosive gases. In the early days the reaction was followed 
by pressure measurements. Some water was introduced into the 
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reaction vessel to absorb all the hydrogen chloride and the com¬ 
bined pressure of the hydrogen and chlorine which remained was 
measured. Later both the hydrogen chloride and chlorine were 
ro/.en out in a small trap attached to the reaction vessel which was 
cooled in liquid air and the pressure of the hydrogen was measured. 
It is still more convenient to follow the chlorine concentration photo- 

metiically so that readings may be taken without interrupting the 
reaction. 

It was difficult to find the function which correctly describes the 
dependence of the rate of formation of hydrogen chloride upon the 
concentrations of hydrogen and chlorine, because of the inhibiting 
action of many compounds. These include oxygen, ozone, chlorine 
dioxide and nitrogen trichloride, which may be formed during the 
reaction from many nitrogen-containing impurities even if it is not 
piesent initially. However, there now seems to be a measure of 
agieement as to the principal features of the results, though there is 
still doubt about many details. The following scheme which was 
originally suggested by Gohring35 j s generally satisfactory : 


CI 2 + h'J 

-> 2C1 I abs 


CI + h 2 

= HC1 + H .... 

(4) 

H + Cl 2 

= HC1 + Cl .... 

(5) 

H +0 2 

= ho 2 .... 

(6) 

Cl + o 2 

= cio 2 .... 

(7) 

Cl + X 

= C1X (inactive). .... 

(8) 


The nature of X is uncertain ; it is thought to be a compound of 
silicon36 and there is some evidence that it is involatile 3 ?. The 
steady state treatment may be applied to this scheme as follows : 


d[U]/dt = k 4 [ ci] [h 2 ] - * 5 [H] [ci 2 ] - * 6 [H] [o 2 ] = o 


d[C\]/dt = 2I abs - * 4 [C1] [H 2 ] + * 5 [H] [CI 2 ] 

- wi] ro 2 ] - * 8 [ci] [x] 


= 0 . . 


From equation 1, 


[Cl] = 


* 5 [H] [C1 2 ] + k 6 [U] [0 2 ] 

^ 4 [H 2 ] 


and from equation 2, 

£Cl] = r 


2i abs + ^ 5 [h] rcy 


^4[H 2 ] + £ 7 [0 2 ] + ^ 8 [X] 
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Equating these two expressions, we have 

{*s[HJ [C1 2 ] + * 6 [H] [0 2 ]} {A 4 [H 2 ] + A' 7 [0 2 ] + a- 8 [X]} 

= A 4 [H 2 ] {2I abi -f- A'5[H] [Cl 2 ]}. .... (5) 

If the term A 6 A 7 [H] [0 2 ] 2 is omitted because it is so small, the 
expression for the hydrogen atom concentration becomes 


[H] 


2I ab ..A: 4 [H 2 ] _ 

A 5 A- 8 LC1 2 ] [X] + [0 2 1 {A 4 A 6 [H 2 ] + A 6 A 8 [X] + A- 5 A' 7 [C1 2 ]} 


but as the chains are long 

d[HCl]/dt = * s [H] [Cl 2 ] 

= _2Iat*• M' 5 [H 2 ] [Cl 2 ] 

M 8 [C1 2 ] [X] + 0 2 {A- 4 A 6 [H 2 ] -i- A' 6 A 8 [XJ + A- 5 A 7 [C1 2 ]} 

2*s/*6-WH 2 ] [C1J 


( 6 ) 


(*5*8 /*4*6)[C1 2 ] [X] + [0 2 ] {[H 2 ] + (a- 8 /A 4 )[X] +(A 5 A- 7 /A- 4 A- 6 ) [Cl 2 ]}- 

.... (7) 

Apart from the term (A; 8 /A 4 ) [X] [0 2 ], this expression corresponds 
exactly with that, 8, which was deduced by Bodenstein and Unger36 


d[HCl] 

d< 


^Iabs[H 2 ] [Cl 2 ] 


^[Cl 2 ] + [0 2 ]{[H 2 ] + [Cl 2 ]/10} 


( 8 ) 


from the available experimental work. At very low oxygen pres¬ 
sures, the rate is given by the expression 


d[HCl] /dt = k I abs [H 2 ] \m 

in perfect agreement with the theoretical expression 

d[HCl] __ 2k 5 /k(i _ _2A 4 /A 8 .I abs [H 2 ] 

dt [X]A 5 A 8 /A 4 A 6 ‘ labs L M 2j - p-] • 

On equating the coefficients we find 


(9) 


( 10 ) 


^ 2^5//: 6 , m — k^k^K] fk^k^ an d 0*1 = k^k-j 

The thermal combination is even more complex than the photo¬ 
chemical, probably because chain carriers are formed and destroyed 
on the walls of the reaction vessel38. Under these conditions 

diffusion is as important as the chemical factors in determining the 
rate of the reaction. 
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It has been reported^ that hydrogen and chlorine do not com¬ 
bine when irradiated with visible light unless water is present at a 
pressure of at least 10-5 mm : and while ultra-violet light would 
promote the combination of the intensively dried mixture, high 
pressures of water vapour (up to 10 mm) do not affect the rate of 
combination 40 . There is no evidence of fluorescence when the 
intensively dried mixture is irradiated with visible light. Presum¬ 
ably chlorine atoms are formed in the dried system and it is a 
secondary leaction which is inhibited 4 *. On the basis of these 
facts it is now generally agreed that some substance inadvertently 
introduced during the desiccation was responsible for the inhibition. 
In view of the known inhibiting effects of many compounds, this 
conclusion seems very reasonable. 

It is possible 42 to deduce from the expressions for the over-all 
rate of the photochemical combination of hydrogen and chlorine 
some information about the rate factors of the individual reactions. 
In the complete absence of oxygen the rate of the reaction is given 
by equation 10 ; hence the temperature coefficient of the over-all 
reaction should correspond to the activation energy E 4 —E s . This 
activation energy which represents a minimum value of E 4 has 
been found by Hertel 4 3 to be 5-9 kcal and by Potts and Rollefson37 
to be 5*8 kcal. 

Norrish and Ritchie 44 reported that the over-all rate of combina¬ 
tion was reduced by the addition of hydrogen chloride to the reaction 
system. They attributed this to the effective competition of re¬ 
action — 4 with reaction 5. However it seems likely that their 
experimental results require a different explanation and that the 
findings of Bodenstein, Unger and Schenck36. 45 j that the addition 
of hydrogen chloride does not inhibit the reaction, is more reliable. 

If this is so, the value of k$ must be at least one hundred times that 
of k- 4 , at 60° G. There is evidence which is cited below that E- 4 
is approximately 4-5 kcal. The values of A 5 and A- 4 are likely to 
be similar. Consequently the maximum value of E 5 is 2-5 kcal. 

Alternatively a maximum value of E 5 may be deduced from 
studies of the combination of chlorine with para-hydrogen. It is 
found 46 that the para content of the hydrogen remains unchanged 
throughout the reaction. Hence k 5 must be large compared 

with kg. 

H + p-U 2 = n-U 2 + H .... (9) 

The accuracy of the experiment was such that we may conclude 
that k 5 /kg> 100. If we again assume that A 5 = Ag, we have 
E 5 <4-7 kcal. 
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A minimum value of E 5 may be obtained by a comparison of 
the rate of reaction 5 with that of reaction 6 . At moderate concen¬ 
trations of oxygen, reaction 6 will be the principal chain-ending 
reaction. Therefore when the chains are long, containing some 
hundred links, the following expression is valid. Then the activa- 

d[HCl] _ 2I abs Ar 5 [Cl 2 ] 2 

d< * 6 [M] [ 0 2 ] 

tion energy of the over-all reaction will be equal to E 5 — E 6 . In 
this way, minimum values of2*l 4 3, 2-9 47 and 1 -Q4S kcal have 
been found for the activation energy E 5 . 

E$ may also be related to E 5 in the following way : all hydrogen 
atoms released in the system either react with chlorine molecules, 5 , 
or with oxygen molecules, 6 , forming hydrogen chloride and water 
respectively. If it is assumed that each hydrogen atom reacting 
with hydrogen leads to the formation of one molecule of water and 
that the concentrations of chlorine and oxygen remain substantially 
unchanged throughout the reaction, we may write 

^5 _ -^hci [ 0 2 1 

k 6 *H t o’ [Cla¬ 

using this relationship Krauskopf and Rollefson 4 ^ found that 
E 5 > 1-6 kcal. Hence we may conclude that E s is probably 
between 2 and 3 kcal. 

The rate constant of reaction 4 has also been measured by 
more direct methods which were specifically designed for this 
purpose. Rodebush and KlingelhoefferSO found that k 4 = 10 14 *3 x 
exp ( — 6 100 ± 1 000/RT) mole-l c.c. sec - 1 over a small temperature 
range slightly above room temperature. They used a discharge-tube 
method similar to that used for the study of the reactions of hydrogen 
atoms (see previous section). A value for k 4 at 21° G which is in 
good agreement with this result has been obtained by TamuraSl. 
His method of investigation was totally different ; it depended upon 
the estimation of the mean lifetime of the chain-carrying atoms. 
Later, Steiner and RideaR2 measured the rate of the thermal 
para- to ortho-hydrogen conversion in the presence of hydrogen 
chloride. The hydrogen chloride acts as a catalyst because both 

H + HC1 = H 2 + Cl . . . . (— 4 ) 

k ~4 and k 4 are greater than k 9 . From their measurements in the 
region of 700° C, they concluded that k- 4 = 10* 3-4 ex p (— 5 200 IRT) 

mole-l c.c. sec-L They combined this result with the known 
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equilibrium constant A 4 to deduce that k 4 = 10 1 3*8 C xp (—5 900 /RT) 

mole i c.c.sec -b Most recently, Ashmore and Chanmugam 5 3 have, 

by a very ingenious treatment of their results on the reaction of 
hydrogen with chlorine in the presence of nitric oxide and nitrosyl 
chloride, deduced that k 4 = 10H * 7 mo l e -l c.c. sec-l at 250° C. 
Probably none of these rate constants is absolutely accurate to 
better than a factor of two ; nor are the measured temperature co- 
eflicients necessarily reliable. However Ashmore and Chanmugam 
showed that if all the results are taken together they fall very well 
on one Anhenius plot from w'hich the following expression for the 
rate constant may be calculated ; k 4 = 1013*9 e xp (—5 500/RT) 

mole-l c.c. sec-l. Considerable confidence maybe placed in the 
accuracy of this result. 

The investigation of the combination of hydrogen and chlorine 
has been discussed at some length, because it exemplifies the way 
in which the rate constants of the elementary steps in a complex 
piocess may be evaluated and how r more direct experiments may be 
made to confirm the derived values. 

T he relative rates of reaction of chlorine atoms with hydrogen 
and deuterium have been measured by irradiating known mixtures 
of the two gases with chlorine. Then if the relative concentrations 
of hydrogen and deuterium remain constant throughout the reac¬ 
tion, we have 

^4 _ -^hci [P*2 ] 

^4 Rd ci [H2] 

where the prime denotes the rate constant for the reaction with 
deuterium. Farkas and Farkas 54 found that k 4 /k 4 3. The same 

treatment may be applied to the reaction of chlorine with hydrogen 
and with HT, when 55 k 4 \k 4 " = 10°*13 exp (557 /RT). This study 
is of particular interest for it was the first investigation of a reaction 
of tritium in the gas phase. The method can obviously be extended 
to cover any pair of compounds RH and R'D, where R and R' 
need not be the same radical. It is very likely that in the future 
many relative rate constants will be determined in this way, but as 
yet the only others which have been measured are those for CHCI 3 
and CDCI 3 . It was found 56 that ^ 2 /^ 2 ' = 10 0 * 13 exp (710 /RT). 

Several of the reactions of chlorine with organic compounds have 
been studied by methods similar to those used in the investigation 
of the reaction with hydrogen 57-59 , but the systems are so compli¬ 
cated, that it is not possible, in general, to assign rate constants to 
the various elementary reactions. It was deduced 59 that the rate 
constant for the reaction of chlorine atoms with methane was some 
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7*5 times less than that of the corresponding reaction with hydrogen 
at room temperature ; however this result is not in good agreement 
with other determinations which appear to be more reliable. 

As has been pointed out, there appears to be little hope that in 
the near future it will be possible to calculate activation energies 
absolutely, but there is now some hope that we may learn to under¬ 
stand the variations of energies of activation found in a series of 
similar reactions. Steiner and Watson 60 have shown how some 
information on the relative activation energies for the reactions of 
chlorine atoms with primary, secondary and tertiary hydrogen 
atoms in alkanes might be obtained from the exploratory data of 
Hass, McBee and Weber 61 . The argument runs as follows. If in 
the chlorination of, say, propane the reaction chains are long and 
the rate of reaction 2 is great compared with that of reaction 3, 
then the ratio of the amount of /jo-propyl chloride formed to the 
amount of H-propyl chloride will be the same as the ratio of the 
rate of attack of a chlorine atom on a secondary hydrogen atom to 
the rate of attack on a primary hydrogen atom. Hence if the pro¬ 
ducts of the chlorination of an alkane, when the alkane : chlorine 
ratio is high, are analysed the relative rate constants may be found. 
If the experiments are conducted over a range of temperatures the 
difference in the activation energies may also be found. Unfortun¬ 
ately the experimental data were not sufficiently accurate or 
complete for this to be possible. The following activation energy 
differences were obtained by assuming a constant A factor for all 
the reactions : 


E — F 

•^primary -^secondary 


77 _ 77 

-^primary -^tertiary 


1 • 3 kcal 
1 • 7 kcal, 


where the activation energies are those for the attack of a chlorine 
atom on a particular type of hydrogen atom. However the basic 
assumption of the constancy of the A factors is only reasonable if a 
constancy of the order of a factor of 10 (corresponding to 2-0 kcal 
at the temperatures of the experiments) is in question. Rough 
calculations of the entropies of the transition states show that 
variations in the A factors of a factor three or four would be expected. 
Therefore the very reasonable results obtained by this procedure 
should not be relied upon. On the other hand the method is sound 
and with modern analytical techniques it should be possible to 
determine the activation energy differences directly. 

A method for the study of chlorine atom reactions, which is 
similar in principle to that just described, has been devised by 
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Piitchard, Pyke and Trotman-Dickenson62. It is most simply 
explained by describing the determination of the rate constant for 
the reaction of chlorine atoms with methane, which is the only 
application that has yet been reported. If a mixture of hydrogen, 
methane and chlorine is illuminated, hydrogen chloride and methyl 
chloride are formed by the following sequence of reactions : 


Cl + H 2 = HC1 + H 
H + Cl 2 = HC1 + Cl 
Cl + CH 4 = HC1 + CH 3 
CH 3 + Cl 2 = CH 3 C1 + Cl. 


( 10 ) 

( 11 ) 

( 12 ) 

(13) 


T hen if these are the only reactions by which hydrogen and methane 
are removed, and there are good reasons for thinking that they are, 

- d[CH 4 ] /dt = * 12 [CH 4 ] [Cl] and - d[H 2 ]/d t = k l0 [H 2 ] [Cl]. 

Hence, 

*i 2 /*io = log{[CH 4 ],./[CH 4 ] / }/log{[H 2 ] < /[H 2 ] / } 


where the subscripts refer to the initial and final concentrations of 
the reactants. The initial compositions of the mixtures are known 
and the final concentrations are found by analysis. In this way 
k \2 has been found to be 10 13 ’ 4 exp (— 3 900 \RT) mole -1 c.c. sec -1 * 
on the assumption that £ 10 = 10 13 ' 9 exp (— 5 500 \RT) mole -1 c.c. 
sec -1 , which is the value recommended above. It is possible, on 
the basis of reasonable assumptions, to calculate the rate constant 
£-12 of the reverse reaction to be 10 12 ‘ 4 exp (—4 900 jRT) mole -1 c.c. 
sec -1 which is equal to 10 9 * 9 mole -1 c.c. sec -1 at 150° C. This 
figure agrees surprisingly well with the rate of 10 10 * 4 mole- 1 c.c. sec -1 
which was measured directly by Cvetanovic and Steacie 63 . 


* There is an arithmetical mistake in reference 62. The figures given here are 
correct. Pritchard, Pyke and Trotman-Dickenson, in unpublished work, have 
obtained the following additional results by this method. 


Compound 

log A 2 

e 2 

Compound 

log A 2 

e 2 

c 2 h 6 

14-1 

10 

c 3 h 8 

14-3 

0-7 

C(CH 3 )4 

14-1 

0*7 

CH(CH 3 ) 3 

14-3 

0-9 

cyclo-{ CH 2 )s 

14-5 

0-6 

ch 3 ci 

13-7 

3-4 

c 2 h 5 ci 

13-7 

1-5 





A 2 in mole -1 c.c. sec -1 , E 2 in kcal. 
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The Reactions of Bromine Atoms 

It would seem reasonable to expect that the reactions of bromine 
atoms with compounds containing hydrogen would take place by 
atomic chain mechanisms similar to those in which chlorine atoms 
participate. This expectation has proved to be correct. However, 
the strengths of the bonds involved in such reactions are roughly 
as follows : D(R —H) = 100, D( R—Br) = 68, Z)(Br—Br) = 45, 
and Z)(H—Br) =87*5 kcal. By thermochemical reasoning we 
can show that the activation energy of reaction 1 must be at least 
100 — 87-5 = 12-5 kcal, and hence its rate constant must be much 


Br + RH = HBr -f- R .... (1) 

smaller than that of the corresponding chlorine atom reaction. 
Consequently the over-all kinetics of the chain reactions are some¬ 
what different ; the chains are much shorter ; the reactions are 
not so sensitive to inhibitors and they are simpler to study. As a 
result the reactions of bromine with hydrogen and some other 

compounds are better understood than the parallel reactions of 
chlorine. 

The rather complex over-all kinetic equation which describes 
the thermal reaction of bromine with hydrogen was discovered by 
Bodenstein and Lind^4 by a process of trial and error, for they had 
no preconceived ideas of the mechanism. They obtained their 
kinetic results by sealing up known quantities of hydrogen, bromine 
and hydrogen bromide in glass bulbs, heating them for known times 
at temperatures between 225° and 300° C, cooling them quickly to 
quench the reactions and analysing the products. They found that 

d[HBr] _ 4A[H 2 ] [Br 2 ]l/2 

dt ~ 10 + [HBr]/[Br 2 ]. 

A plausible interpretation of this complicated result, in terms of the 
series of elementary reactions written below, was proposed almost 
simultaneously by ChristiansenSS, Herzfeld66, and Polanyi67. 


Br 2 = Br + Br 
Br + H 2 = HBr + H 
H + Br 2 = HBr + Br 

If we examine this mechanism by the stationary 
find that 


.... ( 2 ) 
.... (3) 

.... (4) 

state method we 


3[H] fdt = 0 = * 3 [Br] [H 2 ] - * 4 [H] [Br 2 ] - *_ 3 [H] [HBr] (2) 

[ H ] =*3[Br] [H 2 ]/(A 4 [Br 2 ] + A_ 3 [HBr]).( 3 ) 
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Now, d[HBr] Idt = 


2^ 4 [H 2 ] [Br]/A- 3 

*4 A -3 + [HBr]/[Br 2 ]‘ 


(4) 


The concentration of bromine atoms is determined by the equi¬ 
librium, 2 , 

[Br] = AV/ 2 [Br 2 ]i / 2. .... ( 5 ) 

When this value is substituted in the previous equation we have 


d[HBr] 
d t 


2(* 3 * 4 /*- 3 )^ 2 12 [H 2 ] [Br 2 ]l/2 
k 4 /k- 3 + [HBr]/[Br 2 ] 


. . (6) 


This expression has exactly the same form as that obtained experi¬ 
mentally, so we may equate the coefficients and write k 4 \k ~ 3 = 10 


and 


k = (k,k 4 l<lk-i)K 2 m ^ 5/r 3 /r 2 i/2. 


(7) 


Since the value of K 2 is accurately known (the pressure of bro¬ 
mine atoms in equilibrium with 100 mm of bromine at 277° C is 
4-3 x 10 ~ 6 mm), k$ may be derived from the experimental results. 
The values of £3 calculated from the results of Bodenstein and Lind, 
together with more recent values, are given in Table 4.4. The most 
important technical improvement in the methods of investigation 
which has been introduced is that, since 1924, the bromine concen¬ 
tration has usually been determined by light absorption, so that 
the change in concentration may be observed without stopping the 
reaction. 

From equation 6 it follows that the activation energy, E , of the 
rate constant, which is determined experimentally is equal to 
1 /2 A H 2 + L 3 , where A H 2 is the heat of dissociation of the bro¬ 
mine molecule. As A H 2 is some 45 kcal and E$ is of the order of 
18 kcal any error in the determination of E will give rise to an 
error in E$ rather more than twice as large in proportion to its size. 
Furthermore the temperature range over which the reaction may 
be investigated is much restricted because of the high experimental 
temperature coefficient. Neither of these difficulties is encountered 
in photochemical investigations, but a new difficulty arises. There is 
no direct method of measuring the concentration of bromine atoms. 
Accordingly when interpreting photochemical experiments, an abso¬ 
lute value for the rate constant of reaction 3 at one temperature 
must be taken over from the thermal experiments. The photo¬ 
chemical reaction is very similar to the thermal reaction and it 
appears that the observations may be explained on the basis of the 

following mechanism, 

Br 2 —> Br -f~ ^abs 
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followed by reactions 3, 4, and 5 

Br + Br + M = Br 2 + M .... (5) 

from which we find, by reasoning similar to that applied in inter¬ 
preting the thermal reaction, 

d[HBr] _ 2A- 3 [H 2 ] {I abs /A 5 [M]}l/2 

d t 1 + /t- 3 [HBr]/A- 4 [Br 2 ].^ 

Now the rate of absorption of light by the system and the total 
concentration of ‘ third bodies M, may be kept constant in a series 
of experiments. Furthermore, the ratio k 5 /k 4 is found to be small 


Table 4.4. The Reactions of Bromine Atoms 


Br + RH = HBr + R ; A 
R + Br 2 = RBr + Br 


(3) 

W 


RH 

j Method 

F-3 

kcal 

log A 3 aH 3 

(calc) 

kcal 


Temp. °C 

£-3 ~Ex 
kcal 


h 2 

1 T 

18-5 

j 

14-2 16*7 

2 

0-1 

225-300 

0 

64c, 69 

h 2 

\ T 

17-7 

13-8 16-7 

1 


— 


68 c 

H 2 

p 

17-6 

13-8 16-7 

1 

0-1 

162-310 

0 

73 

H 2 

| p 

17-5 

13-6 16-7 

1 

d 



74 

d 2 

T 

19-9 

13-9 17*3 

3 

— 



68 

ch 4 

VP 

TP 

18-3 

13-7 15 

3 

0-2 

210 

2 

74 

c 2 h 6 

p 

13-9 ; 

1 - 10 

4 

0-6 

30-90 

0 

75 

(CH 3 ) 3 CH 

TP 

11-7 

17-6 2 

10 

0-5 

49 

8 

7E 

(CH 3 ) 4 C 

TP 

18-2 

17-0 9a 

9 ; 

3 

126 

10 

CO 

0 

) 

c 6 h 5 ch 3 

TP 

7-6 

13*5 -10 

17 

0-6 

90 

5-4 j 

79, 80 

CH 3 Br 

P 

16-1 

13-7 12 b 

• 4 

very 

n V r - * 1 I . 1 



74 

CHC1 3 

T 

9-3 1 

12-3 6b j 

3 ! 

small 

0-04 

150-185 

0 

81 

CHC1 3 

I 

P 

10 

6b 

4 

0-014 

110-130 

0 

82 


T is thermal, P is photochemical bromination. 


a 

b 


A * in mole 1 c.c. sec”*. (calc) = E a - AH 3 . 

see 1 rotman-Dickenson 83 . 

I hese values arc based on the assumption that the strengths of the C—H bonds in the halogenated 

methanes run parallel to the strengths of the C Hr Imndcn t*l: . . & 

other work. % inc ^ lir bondii • ibis assumption is consistent with 
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and is nearly independent of temperature, and 1 /2 E 5 is certainly 
a very small quantity. Hence, the value of E$ may be found from 
studies of the rate of formation of HBr at various temperatures. 
The photobrominations of other hydrogen-containing compounds 
such as methane 74 , ethane 75 , 2 -methylpropane 76 , 2 , 2 -dimethyl- 
propane 77 - 78 , toluene 79 - 80 , and methyl bromide 74 proceed by 
parallel mechanisms, which may be written by substituting RH 
for H 2 in steps 3 and equation 8 and R for H in step 4. Hereinafter, 
we shall discuss the steps of the bromination reactions as if the 
rate constants referred either to the reactions of hydrogen or RH, 
depending on the context. As is to be expected, the values of the 
constants in equation 8 are different when different substances are 
investigated and their relative magnitudes also vary, so that in 
some cases the equation may be simplified. Usually the pressure 
of bromine is sufficiently low that the percentage of the incident 
light which it absorbs is roughly proportional to its pressure. If the 
concentration of hydrogen bromide is also low its inhibitory effect, 
which gives rise to the second term in the denominator in equation 8 , 
may be neglected. Furthermore complicated molecules are usually 
more effective ‘ third bodies ’ than small molecules, so that if a 
complicated molecule is under investigation £ 6 [M], which should 
strictly be written A^'fRHJ + + ^'"[HBr] . . ., may, with 

sufficient accuracy, be written Ar 6 '[RH]. When all these conditions 
are fulfilled and the incident light is of constant intensity equation 8 
may be simplified to 

d[HBr]/d/ = *[RH]l/2[Br 2 ]l/2.(9) 

The expression for thermal bromination may be similarly simplified. 

The activation energy of reaction 3 is related to that of the reverse 
reaction, — 3, by the expression 

£ 3 - E- 3 = A // 3 

where A //3 is the heat of reaction 3. Now, information about the 
magnitudes of E$ and E- 3 may be obtained from the bromination 
experiments and all the heats of formation, which are required to 
calculate the heat of reaction, are known with the exception of the 
heat of formation of the radical R. So it is possible to obtain 
information on the heat of formation of R, and in many cases on the 
bond strengths of R—X, from the experiments. Great care has 
been taken over the investigation of brominations for this reason. 

It can be seen from the rate expressions that although k 3 and hence 
Ei can be measured absolutely, k-i and E-i can only be related to 
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A : 4 and E 4 respectively. Generally the activation energy difference 
E-t, — £ 4 has been determined and it has been assumed that 
£4 = 0. There is good experimental evidence for this assumption 
in the cases of hydrogen and methane, but it should only be regarded 
as a tentative hypothesis when applied to other systems. Neverthe¬ 
less, it does not seem that any of the more puzzling features of the 
results, which might arise because of this assumption, are in fact 
caused by it. 

We may now consider the results which are listed in Table 4.4. 
The extent to which the energies of activation are in accord with 
expectations based upon our knowledge of thermochemistry may be 
seen most directly by comparing the values of £_ 3 (calc) with the 
experimental values of £_ 3 — £ 4 . Since £_ 3 (calc) = E 3 — A // 3 
and A // 3 is calculated from the table of bond strengths given in 
Chapter 1, this is a direct and convenient comparison ; only for 
toluene is there any serious discrepancy. Another feature which 
would seem to require explanation is the large size of the A factors 
found for the reactions of bromine with 2 -methylpropane and 
2,2-dimethylpropane. Since the investigations on which these 
figures are based are all very recent and were carried out with 
painstaking attention to detail, it seems that any gross experimental 
error is out of the question, though the interpretation of the results 
may not be correct. 

The work on toluene leads to a C—H bond strength of 89*5 kcal 
in the side-chain, a figure which differs by far more than the probable 
experimental error from the value of 77 -5 kcal reported by Szwarc85. 
Szwarc’s value, which is based upon a very large number of inter¬ 
related kinetic investigations, is generally accepted and has received 
completely independent support from an electron impact study 86 . 
No explanation of this discrepancy has yet been offered ; the only 
point which it appears might have been overlooked is that some of 
the bromine may have been removed from the reaction system by 
addition to the unsaturated benzene ring. 

The results on 2-methylpropane and 2,2-dimethylpropane are 
remarkable because the G—H bond strengths calculated from 
them aie in excellent agreement with independent determinations, 
although the values of E 3 and A 3 are much greater than would be 
expected. This comes about because the high values of £ 3 are 
offset by high values of £- 3 — £ 4 . Since little is known about the 
factors which determine activation energies it would be unwise to 
question these values of E l just because they seem high in relation 
to E 3 for ethane. A factors, however, are better understood. 
Such high A factors have not previously been reported for the 
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reactions of atoms which are not electronically excited. The ratio 
^- 3/^45 which is of the order of 10 5 for both compounds, also 
seems inexplicable. On the other hand both values'of * 3 are of 
the expected magnitude. It has been suggested 87 that an errone¬ 
ously high value of A 3 for 2 , 2 -dimethylpropane is found because 
the decomposition of the nropentyl radical into 2 -methylpropene and 
a methyl ladical, which may play an important part in the reaction, 
has been neglected. 1 he only relevant experimental information 
on this decomposition comes from work on the photolysis of acetone 
in the piesence of 2,2-dimethylpropane 88 . It indicates that radical 
decomposition is unimportant in comparison with radical com¬ 
bination at the temperatures and concentrations prevailing in 
bromination systems. However, it must be remembered that these 
criticisms are all based upon an ill-established semi-theoretical 
generalization while the experiments were carried out with great 

care. I he findings may be the first examples of a new and important 
phenomenon. 

A metathetical reaction of bromine atoms, which does not involve 
hydrogen, occurs in the isotopic exchange of radio-bromine with tri- 
chlorobromomethane. It is impossible 89 - 90 to decide from a study 
of the over-all exchange reaction whether the rate-determining step, 
whose rate was found to be given by k =- 1013-9 e xp ( — 10 300 /RT) 
mole 1 c.c. sec -1 , was the metathetical reaction, 6, or the inver¬ 
sion reaction, 7. The reader may verify for himself that the 

Br + CCl 3 Br = Br 2 + CC1 3 .... ( 6 ) 

Br* + CCl 3 Br = Br*CCl 3 + Br .... (7) 

over-all kinetic expression is identical by whichever route the 
reaction proceeds. Subsequently, Sullivan and Davidson 91 found 
that the rate-determining step in the bromine-catalysed reaction, 8, 

CCl 3 Br + HBr = CHC1 3 + Br 2 .... (8) 

has a rate constant given by k = 10 13 *9 e xp (—10 200 /RT) mole -1 c.c. 
sec -1 . The only reasonable mechanism in accord with the experi¬ 
mental findings, which can be constructed for this reaction 8, 
requires that reaction 6 should be the rate-determining step. The 
rate constants for the rate-determining steps of the two over-all 
reactions are so similar that we may conclude that reaction 6 is 
also the key step in the exchange reaction. 

Since the extraction of a hydrogen atom from ethane by an iodine 
atom is some 18 kcal endothermic and the activation energy of the 
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reaction must be greater than its endothermicitv, it is not surprising 
that no well-authenticated metathetical reactions of iodine involving 
the abstraction of a hydrogen atom have been reported 92 . 

The Reactions of Oxygen and Nitrogen Atoms 

There have been a number of investigations of the reactions of 
oxygen and nitrogen atoms produced by the discharge-tube method, 
but the results are not relevant to the present discussion. Although 
the reaction products were often identified and analysed, it is not 
possible to ascribe simple mechanisms to the processes by which 
they were formed, or to isolate the primary rate-determining 
reactions. Furthermore it is doubtful if the reactive species pro¬ 
duced by a discharge through nitrogen are in fact nitrogen atoms. 
References 93 and 94 describe work with oxygen atoms and refer¬ 
ence 95 summarizes recent work with the active nitrogen species. 
Reactions involving oxygen atoms probably occur in flames, 
explosions and oxidations, but as yet it has not been possible to 
determine their rate constants 9 ^. 


4.2 The Metathetical Reactions of Free Radicals 

The study of the metathetical reactions of radicals presents the same 
problems as the study of the reactions of atoms. Many of these 
problems may be solved comparatively easily but, by way of com¬ 
pensation, new experimental difficulties peculiar to radicals are 
encountered. Atoms, X, are usually produced by the photolytic 
or thermal decomposition of the molecule, X 2 , but radicals cannot 
conveniently be formed by the photolysis or pyrolysis of their 
dimers. For example, ethane may be photolysed to yield methyl 
radicals 97 , but only by radiation in the vacuum ultra-violet, which 
necessitates the use of special apparatus. Even then, the photo¬ 
lysis is not clean cut for the products include hydrogen, acetylene, 
ethylene and higher hydrocarbons. From what has been said in 
the previous chapter, it will be realized that the pyrolysis of ethane 
is also an unsatisfactory method of producing methyl radicals. 
The hydrocarbon radicals, which have been most fully studied, 
have usually been prepared by the photolysis of ketones, aldehydes, 
metallic alkyls, and azo compounds, or, less frequently, by the 
pyrolysis of peroxides, metallic alkyls, and azo compounds. 

The identification and analysis of the products of the metathetical 
and dimerization reactions of radicals are usually comparatively 
straightforward, though they may be technically difficult. As has 
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already been pointed out, atoms, X, are usually produced from X 2 , 
which is present in large concentration ; they react with a substrate 
to form, say, XH and dimerize to give X 2 . Consequently the dimer 
whose rate of formation might be used as a measure of the atomic 
concentration cannot be distinguished from the starting material. 
On the other hand radicals, R, which are usually formed from some 
compound RA, react with the substrate to form RH and dimerize 
to give R 2 . The dimer can readily be distinguished from the 
source. Furthermore it is often easy to separate RH and R 2 
because they are more volatile than RA or the substrate. The 
radical source, RA, is usually a comparatively unreactive molecule 
so that chain reactions, which are maintained by the active species, 
X 2 , in atomic systems, are rare in the systems in which the meta- 
thetical reactions of radicals are studied. 

The reactions of atoms are confined to combination, metathesis, 
and addition, but radicals may also disproportionate and decom¬ 
pose. Unfortunately the products of disproportionation and 
decomposition are bound to be similar to each other and to the 
metathetical products. Thus, at high temperatures ethyl radicals 
break down to ethylene and hydrogen atoms, disproportionate to 
ethane and ethylene and abstract hydrogen atoms to give ethane. 
It may be possible to sort out these reactions by varying the concen¬ 
trations of the reactants in the system and the rate of production of 
radicals, but at best it is a laborious task. As yet only the reactions 
of the smallest and simplest radicals have been studied in detail. 

The Reactions of Methyl Radicals 

There are three reasons why the reactions of methyl radicals are 
easier to study than those of other radicals and why much more is 
known about them. First, the kinetically important products of 
methyl reactions are methane and ethane which are fairly readily 
separated from the reaction mixture and measured. Second, the 
reaction systems are comparatively simple because methyl radicals 
do not disproportionate or decompose at ordinary temperatures. 
Third, isotopically labelled methyl radicals may be prepared com¬ 
paratively easily. 

The most convenient method of obtaining methyl radicals is by 
the photolysis of compounds containing methyl groups, because 
photolyses may be used over a wide range of temperature and the 
rate of production of radicals is easily controlled. Acetone, di¬ 
methyl mercury, acetaldehyde, azomethane and methyl iodide are 
all good sources of methyl radicals and of them acetone is by far 
the best. Acetone is readily obtainable, it is relatively unreactive 
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and thermally stable, has a convenient vapour pressure and a 
broad absorption band in the near ultra-violet, and a measure 
of the carbon monoxide which it releases can be used as an 
internal actinometer. Moreover, largely through the work of 
Noyes and his co-workers 98 , the reactions associated with its 
photolysis above 100° C are very well understood. The other 
sources suffer from various disadvantages : both azomethane and 
dimethyl mercury are less thermally stable and are toxic, and their 
reactions are more complicated ; the photolysis of acetaldehyde is 
not completely understood ; and the photolysis of methyl iodide 
yields iodine which reacts rapidly with all radicals. 

1 he best pyrolytic source of methyl is di-/-butyl peroxide, 
which decomposes in two stages ; its big disadvantage is that the 
decomposition has an activation energy of 38 kcal (see Table 3.1) 

[(CH 3 ) 3 CO] 2 = 2(CH 3 ) 3 CO = 2CH 3 + 2(CH 3 ) 2 CO 

and can only be employed in the range 130° to 170° C. Acetyl 
peroxide 99 in solution and azomethane 1 00 i n the gas phase have 
also been used as pyrolytic sources. 

The rate of a reaction of type 1 is usually determined by measuring 

ch 3 + rh = ch 4 + r .... (1 ) 

the amount of methane produced in a reaction system in a given 
period of time. The compound RH is usually present in such 
concentrations that its initial concentration is effectively main¬ 
tained throughout the reaction. Then, if the radicals are released 
in the system at a constant rate, so that their concentration remains 
constant, we may write 

d[GH 4 ]/d t = R CHi = ^[CH 3 ] [RH], 

where [RH] is the initial concentration. Since some ethane is 
formed in any system in which methyl radicals are present, according 
to the equation 

CH 3 + CH 3 = C 2 H 6 , .... (2) 

and k 2 has been determined as described in section 3.1, the concen¬ 
tration of methyl radicals may be found from the relation 

[CH 3 ] = (Rq 2 h # /^2) 1,2 . 

It is of course easiest to apply this method if ethane is only formed 
by the combination of radicals, for otherwise a correction must be 
determined or the ethane must be distinguished isotopically. 
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The procedure which is followed when there are two compounds 
of the type RH present in the system, the radical source and the 
compound to be investigated, may be illustrated by the treatment 
of the photolysis of acetone in the presence of 2,2-dimethylpropane 
at temperatures between 100° and 230° C. The formation of the 
products may be understood in terms of the following reaction 
scheme, provided that the proportions of acetone and 2,2-dimethyl¬ 
propane which react are kept so low that the reactions of radicals 
with the products may be neglected : 

CH 3 COCH 3 + /(v = 2CH 3 + CO 

2CH 3 = C 2 H 6 .... (2) 

CH 3 + CH 3 COCH 3 = CH 4 + CH 2 COCH 3 . . (3) 


CH 3 + CH 2 COCH 3 = C 2 H 5 COCH 3 .... (4) 

2CH 2 COCH 3 = (CH 2 COCH 3 ) 2 .... (5) 

CH 3 -f- C 5 H 12 = CH 4 -h C 5 H]i .... (6) 

CH 3 + C 5 H n = C 6 Hi 4 .... (7) 

2C 5 H„ = C 10 H 22 .... (8) 

C 5 H u + CH 2 COCH 3 = C 6 H 13 COCH 3 . (9) 


I here is no direct evidence for the occurrence of some of the 
reactions of the larger radicals, but it is very probable that they do 
occur as they are written. We may write 

R ch , = A 3 [CH 3 ] [CH 3 COCH 3 ] + A 6 [CH 3 ] [C 5 H I2 ], 
and f? CjH< =* 2 [CH 3 ]2. 

Therefore, 

= * 3 [CH 3 COCH 3 ]/* 2 i 2 + A 6 [C 5 H 12 ]/A 2 i/2. 

Now, the term on the left hand side can be determined experi¬ 
mentally as can also the concentrations of the reactants, acetone 
and 2,2-dimethylpropane. k 2 has been measured. Furthermore, it 
can be seen that if the experiment had been carried out in the 
absence of 2,2-dimethylpropane, the second term on the right hand 
side would vanish. Consequently k$ can be found from experiments 
with acetone alone. Once this rate constant has been established 
the first term on the right hand side can be evaluated for any system 
and the second term may be found by subtraction. Then, simple 
substitution yields k$. Similarly k\ may be found for other gases, 
RH, mixed with other radical sources. As it is convenient to use 
approximately equal quantities of the radical source and RH, the 
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error introduced by the subtraction will be significantly reduced if 
k\ is large compared with k$ (or with the corresponding rate con¬ 
stant for the reaction of methyl with the source). It can be seen, 
from Table 4.5 of the rate constants of methyl radical reactions, that 


Table 4.5 (a). The Reactions of Methyl Radicals with Hydrogen 


Radical 

source 

Hydrogen 

isotope 

E 

kcal 

10-6* 
at 182° C 

log A 

Ref. 

HgMe 2 ; 

h 2 i 

1 

9-9 ± 0-5 

14 

11-7 

104,107 

Acetone 

h 2 : 

10 0 ± 0-5 

5 

11-5 

102-104 

CdMe 2 ! 

h 2 

13 ±2 

14 

13-4 

108 

Acetone ■ 

H 2 

13-2 ± 1-0 

1*5 

12-5 

109 a 

Acetaldehyde 

h 2 

15-3 ± 1 -0 

25 

14-8 

109 6 

Acetone 

d 2 

11-8 ± 0-1 

1 -5 

11-8 

102 

HgMe 2 

d 2 

12-7 ± 0-3 

2 

12-4 

110 

Acetone 

d 2 

14-3 ± 0-6 

0-5 

12-5 

109 a 

Ace tone-d(, 

1 h 2 

10-2 ± 0-2 

6 

11*7 

102 

Ace tone-da 

d 2 

10-9 ± 0-3 

2 

11*6 

102 

Acetone . 

HD(CH 4 ) 

10-0 

2 

11*1 

104 

Acetone 

HD(CH 3 D) 

11*3 

1 

11-5 

104 

Ace tone-da 

HD(CH 3 H) 

10-7 

2 

11-5 

104 

Ace tone-da 

HD(CD 4 ) 

10-7 

1 

11-2 

104 


The compounds in parentheses are those formed in the reactions. 

All k's and /4’s in mole -1 c.c. sec -1 . 

a When corrected, these activation energies are 10-5 and 12-2 kcal respectively 111 . 
b Use of the more recent activation energy for CH, + CH,CHO gives E = 12-0 kcal 111 . 


Table 4.5 (b). The Metathetical Reactions of Methyl Radicals 


Reactant 

Radical 

Source 

E 

kcal 

10-6X: 
at 182° C 

log A 

Ref 

Alkanes 






Methane 

Ace tone-da 

12-8 ' 

0-17 


112 


Acetone-da 

14-3 

0-06 


112** 

Ethane 

Acetone-da 

10-4 ± 0*4 

20 

■fKfl 

113 

2,2- Dimethylpropane 

Acetone and 
acetone-da 

10-0 ± 0-3 


11-3 

113 


HgMe 2 

10-4 ± 0-3 

1-8 

11-3 

114 
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Table 4.5 ( b) ( continued) 


Reactant 

Radical 

Source 

I 

i 

j E 

kcal 

10-6/t 
at 182° C 

I_ 

i 

, log V 

j 

1 

i Ref. 

Alkanes ( continued ) 






2,2,3,3-Tetramethyl- 





I 

butane 

Acetone- 

9-5 ± 0-4 

5-2 

11-3 

113 

n- Butane 

Acetone 

8-3 ± 0-2 

11 

11-0 

113 


HgMc2 

8-2 ± 0-5 

22 

11-3 

115 


HgMe 2 

9-5 ± 0-5 

10 

11-5 

1 15 <7 


HgMe 2 

8-6 ± 0-3 

9 

11*2 

114 


HgMc 2 

— 

13 


116 a 


Azomethane 

9-1 ± 0-3 

5 

11*4 

117 

n -Pentane 

Acetone 

81 ± 0-2 

14 

11-0 

113 

n- Hexane 

Acetone 

8-1 ± 0-2 

17 

1M 

| 113 

2 - Methylpropane 

Acetone 

7*6 ± 0-2 

22 

110 

113 


HgMe 2 

7-4 ± 0-3 

16 

10-8 

114 


Azomethane 

6-6 i 0 ■ 3 

10 

10-3 

117 

2,3- Di methyl b utane 

Acetone 

6-9 ± 0-2 

35 

10-8 

113 


Acetone-df, 

7-8 ± 0-4 

40 

11-3 

113 


HgMe 2 

6-8 ± 0-2 

25 

10-7 

114 

2,3,4-Trimethylpentane 

Acetone-df, 

7-9 ± 0-4 

34 

| 11-3 

113 

3-Ethylpentane 

HgMe 2 

6-8 ± 0-3 

17 

10-5 

118 

Alkenes 






Ethene 

Acetone- 

10-0 ± 0-4 

2-9 

11*3 

119 

Propene 

Acetone-df 

7-7 ± 0-4 

12 

10-8 

119 

But-2-ene 

Ace tone -dg 

7-7 ± 0-4 

30 

IN 

119 

2-Methylprop-2-ene 

Ace tone-d 

7-3 ± 0-4 

26 

i 

10-9 

119 

2,3-Dimethylbut-2-ene 

Acetone-d £ 

7-8 ± 0-4 

76 

11-6 

119 

But -1 -ene 

Acetone-df 

7-6 ± 0-4 

34 

11-2 

119 

Pent -1 -ene 

Acetone -d 6 

7-6 ± 0-4 

35 

11-2 

119 

3-Methylbut -1 -ene 

Acetone-df 

7-4 ± 0-4 

53 

1 

11-3 

119 

Alkynes 



I 

1 


But-2-yne i 

1 

Acefone-df 

8-6 J- 0-4 

33 

11-6 

I 

120 

But -1 -yne 

Acetone -dg 

9-1 ± 0-4 

34 

11-9 

120 

Cyclones 




1 

I 


Cyclo propane 

Acetone- d$ 

10-3 ± 0-4 

M 

11-0 

120 


HgMe 2 | 

10-2 ±1-0 

1-5 

| 

IN 

121 

Cyclo butane 

Acetone-df, 

9-3 ± 0-4 

11 1 

11-4 

120 

Cyclo pentane 

Acetone and 
dcetone- dg 

8-3 ± 0*2 

24 

11-4 ] 

120 

Cyc\ohexane 

| 

Acetone 

8-3 ± 0-2 

22 

11-3 1 

120 

A A 

HgMe 2 

8-3 ± 0-3 

| 

18 

11*2 1 

14 
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Table 4.5 ( b ) ( continued) 


Reactant 

Radical 

Source 

___ 

E 

kcal 

10 -6A- 
at 182°C 

log A 

Ref. 

Aromatic hydrocarbons 






Benzene 

Acetone- d$ 

9-2 ± 0-4 

1-0 

10-4 

120 

Toluene 

Acetone -dg 

8-3 4- 0-3 

14 

11 -0 

120 


HgMe2 

; 7 ± 2 

5 

10-0 

122 a 


DTBP 

110 ± 2 

— 

— 

123 


HgMe 2 

7-3 ± 0-3 

18 

11-2 

114 

Alcohols 






Methanol 

Acetone 

8-2 ± 0-2 

6 

10-7 

120 


HgMe 2 

8-2 ± 0-5 

5 

10-6 

121 

Ethanol 

Acetone- d 6 

8-7 ± 0-4 

20 

11-5 

120 

Propan-2-ol 

Acetone- d 6 

j 7-3 ± 0-4 

31 

1 

11-0 

120 

Amines and imines etc. 






Methylamine 

Acetone- d 6 

8-4 ± 0-4 

19 

11-3 

120 

Dimethylamine 

Acetone -dg 

7-2±0-4 

70 

11*3 

120 

Ethyleneimine 

DTBP 

4-8 ± 0-3 

200 

10-7 

124 

Trimethyl amine 

Acetone- d 6 

8-8 ± 0-4 

44 

11-8 

120 

Ammonia 

Acetone- d 6 

10-0 ± 0-4 

1-2 

10-8 

120 

Azomethane 

Azomethane 

7-6 ± 0-3 

20 

1 M 

125 

Ethers and epoxides 






Dimethyl ether 

Acetone 

9-5 ± 0-2 

9 

11-5 

120 


HgMe 2 

8-4 ± 1-5 

9 

11-0 

121 


CH 2 OCH 3 

10 ±2 

12 

11-8 

126 

Di-iso-propyl ether 

Acetone- d$ 

7-3 ± 0-4 

38 

1 M 

120 

Ethylene oxide 

HgMe 2 

9 0 ± 1 -0 

1-5 

10-5 

127 


HgMe 2 

9-6 ± 2 

2-8 

11-0 

121 

Aldehydes 



! 



Acetaldehyde 

DTBP 

7-5 ± 0-3 

1 

220 

12-0 

128 b 

Nitriles e 



1 



Methyl cyanide 

Acetone-6 .g 

10-0 ± 0-5 

5 

11*5 

145 * 

Ethyl cyanide 

Acetone -dg 

8-5 ± 0*5 

25 

11-5 

145 * 

Ketones 






Acetone 

Acetone 

9-7 ± 0-1 

10 

11*6 

101 


Acetone 

9-6 ± 0-4 

8 

11-5 

132 a 


Acetone 

9-7 ± 0-2 

14 

11*8 

133 c 


DTBP 

9-5 ± 1-0 

9 

11*5 

137 

1 

DTBP 

9-5 ± 0-3 

16 

11*8 

138 
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Table 4.5 (b ) ( continued ) 


Reactant 

1 

Radical 
i Source 

1 ' 

E 

kcal 

10-6* 
at 182° C 

log A 

1 

Ref. 

Ketones {continued) 
Acetone-el^ 

Acetone-da 

10-3 ± 0-2 

4 

11-6 

101 


Acetone-da 

10-6 ± 0-3 

6 

11-8 

102 


Ace tone-da 

11*6± 0-3 

2 

11-8 

104 

Diethylketone 

DTBP 

8-0 dz 0-2 

91 

11-8 

138 


Azomethane 

7-0 ±0-1 

, 66 

11-2 

140 

Biacetyl 

Bi acetyl 

7-1 ± 0-2 

17 

5-0 

139 

Peroxides 






Di-t-bulyl peroxide 

DTBP 

11-7 ± 0-3 

6 

12-4 

138 

Metal alkyls 

M t 





Dimethyl mercury 

HgMe 2 

10-8 

3 

11-7 

141 a 


HgMe 2 

9-0 ± 0-5 

10 

11 -3 

141 


HgMc 2 

10-8 + 0-3 

3 

11-7 

114 

Dimethyl cadmium 

CdMe 2 

(14) 

2 

(12-8) 

142 

Plalogenated methanes 

j 





Methyl Jluoride 

Acetone 

8-7 ± 0*3 

25 

11-6 

143 d 

Methylene Jluoride 

Acetone 

6-2 ± 0-3 

30 

10-5 

143 d 

Methyl chloride 

Acetone 

9*4 -t 0-3 

25 

11-8 

143 d 

Methylene chloride 

Acetone 

7-2 ± 0-3 

60 

11-3 

143 d 

Chloroform 

Acetone 

5-8 ± 0-3 

100 

10-8 

143 d 

Methyl bromide 

Acetone 

Acetone 

6-8 

10-1 ± 0-3 

40 

12-5 

144 

143 d 

Methylene bromide 

Acetone 1 

8-7 ± 0-3 

100 

12-2 

143 d 

Hydrogen halide 

I 

| 





Hydrogen chloride 

Acetone 

2-3 

3 x 104 

11*6 

145 


Both k and A are expressed in terms of mole*" 1 c.c. sec“*. 

DTBP = Di-t-bulyl peroxide 

a The quantities were not calculated in this manner by the original authors. 

b There is strong evidence that these are the most reliable values 130 ’ 1S | although higher values for 
the activation energy have been derived from studies of the photolysis of acetaldehyde 

c Several other studies of the photolysis of acetone are in excellent agreement with those listed in the 
temperature ranges 120°-300° C 101 ’ II4 ' 1,4 and 270°-440 # C“'. 

d The errors in these results are perhaps greater than is indicated, because complicating side reactions 
probably occurred. 

e These results are based upon the rate factors for the reactions of acetone-d, given in reference 104. 

/ Assumed. 
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dimethyl mercury and di-f-butyl peroxide are better than acetone 
in this respect, whereas azomethane and acetaldehyde are much 
worse. All the results given in Table 4.5 (b) of investigations in 
which the radical source was acetone, dimethyl mercury, di-t- 
butyl peroxide, azomethane or acetaldehyde were obtained by 
this method. 

An alternative method of finding the rate constants of metathetical 
methyl reactions involves the use of acetone-dg. When this 
substance is photolysed, CD 3 radicals are liberated which form 
methane by the reactions 


CD 3 + CD 3 COCD 3 = CD 4 + CD 2 COCD 3 .... (3*) 

and 


CD 3 ± RH = CD 3 H + R. .... (1*) 

Then 

* 1 * = ^3* * -ft C D,H I^CD i • [CD3COCD3] /[RH]. 

As before, the experiments are performed so that the ratio 
[CD 3 COCD 3 ] /[RH] remains constant at its initial value through¬ 
out the reaction and so that no large quantities of products accumu¬ 
late. The methane formed can easily be separated and the ratio 
CH 3 H/CD 4 determined to an accuracy of about 0 * 1 per cent with 
a mass-spectrometer, £ 3 * and the ratio k { * to k h which is close 
to unity and is assumed to be the same for all compounds, RH, 
can be determined by separate experiments. Hence, k x is found 
by a method which is very quick and convenient and can be used 
when analysis for ethane is difficult. All the results given in 
Table 4.5 ( b ) for which acetone—d 5 was the radical source were 
obtained by this method. 

Perhaps the most remarkable feature of the results recorded in 
Table 4.5 (b) is the excellence of the agreement obtained by different 
workers using different radical sources and different types of radia¬ 
tion when the same substance was investigated. This gives us 
considerable confidence that the results are accurate and that no 
complications, due to ‘ hot 5 radicals, arise. The rate constant k at 
182° G is the most directly determined quantity ; this temperature 
was chosen because it is near the middle of the temperature range 
of most of the investigations. In a series of experiments k can 
usually be reproduced to within ±10 per cent ; different workers 
agree within a factor of 1*5. The probable errors given for the 
activation energies are derived solely from a consideration of the 
deviation of the points from the Arrhenius relationship ; no weight 
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is given to possible uncertainties in the assumed mechanisms. The 
values of E\ are based on E 2 = 0 kcal and the values of A\ on A 2 = 
10 13 ’ 7 mole -1 c.c. sec -1 . 

It should be noted that the errors in the differences in activation 
energies derived from a series of experiments on different compounds 
may often be much less than the errors in the absolute values. It 
is particularly necessary to bear this point in mind if results with 
CH 3 radicals are compared with results obtained with CD 3 radicals. 
All the results in Table 4.5 ( b) obtained with acetone-d^ are based 
upon the activation energy of 10-3 kcal for reaction 3*, which was 
determined in the same series of experiments 101 . However, more 
recent work 102-106 indicates that this value is too low, perhaps by 
as much as 1 kcal. From considerations of internal consistency, 
it does not seem likely that all the activation energies are too low by 
an equal amount, but the position will remain uncertain until more 
experiments have been carried out. 

It is possible that some of the figures given in the table may be 
in error because of the unexplained behaviour of several photolytic 
systems at temperatures below 100° C. Phibbs and Darwent 107 
showed that the Arrhenius plot for the reaction of methyl with 
dimethyl mercury became curved at low temperatures, correspond¬ 
ing to a decrease in the activation energy. They attributed this 
effect to the presence of ‘ hot ’ radicals whose enhanced reactivity 
was relatively more important at low temperatures. Later Trot- 
man-Dickenson and Steacie 101 found that the activation energy for 
the reaction of methyl with acetone at temperatures above 100° G 
was 3-5 kcal greater than that deduced by Dorfman and Noyes 146 
from observations at 26° and 122° C. Both the high-temperature 
activation energy and the curvature of the plot at low temperatures 
have been confirmed 134 . The Arrhenius plot for the reaction of 
methyl with azomethane in the photolysis of azomethane is similarly 
curved 125 . Until a satisfactory explanation of these effects is found, 
the activation energies of any methyl reactions determined at low 
temperatures in photolytic systems must be regarded as of doubtful 
accuracy. Indeed, it seems that there is a discrepancy between the 
activation energies for the reaction with 2,3-dimethylbutane deter¬ 
mined at low and high temperatures 113 . There is also reason for 
thinking that the value of the activation energy for the reaction of 
methyl with hydrogen chloride determined from measurements at 

28° and 150° C 145 may be low 62 . 

Some information on the rates of very fast methyl radical reactions 
has been obtained by the following method. If the number of 
methyl radicals released into a system is known and there are only 
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two reactions, such as 10 and 11 which occur when methyl iodide 
is photolysed, by which the radicals can be destroyed, 

CH 3 + I 2 = CH 3 I + I .... (10) 

CH 3 + HI =CH 4 + I .... (ii) 

then *ch 4 = *ii[CH 3 ][HI] 

and R CHal = Rate of methyl production — R cHi = £ 10 [CH 3 [I 2 ] 

___ -^ch.C^] _ 

^10 (Rate of methyl production — i? CHi )[HI]' 

Unfortunately only relative rate constants can be determined by 
this method because the absolute value of k l0 is not known. The 
values which have been found are given below. 


Reaction 

O 

*- 

O 

P 


CH 3 + HI 

0-75 

0-23 

CH 3 + HBr 

0-95 

0-13 

CH 3 + HC1 

2-4 

0-04 


The authors'47 believed that ‘ hot ’ methyl radicals played an 
important part in the reaction with hydrogen chloride so that their 
result should not be compared directly with that of Cvetanovic and 
Steaciei45 ) obtained by the investigation of the photolysis of acetone 
in the presence of hydrogen chloride. 

No investigations of reactions of methyl radicals in solution have 
yet been complete enough to furnish values of the absolute rate 
constants. One reason for this is that the analytical difficulties are 
considerably magnified by the presence of relatively large quantities 

of solvent. But there is also a more fundamental reason. When a 

molecule of one of the usual radical sources such as acetone or 
dimethyl mercury is photolysed, two methyl radicals (or, at least 
two radicals) are released as a pair. This pair of radicals will be 
caged in by the solvent molecules and within the confines of the 
cage ’ the radicals will be in very high ‘ concentration ’. Conse¬ 
quently there is a much greater probability that they will combine 
than would be expected from the over-all concentration of methyls 
in the system and the rate constant for the combination as deter- 
mined in the gas-phase. In such cases, the rate of formation of 
ethane obviously cannot be used as a measure of methyl concentra¬ 
tion and as yet no alternative general method of measurement has 
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been developed. This ‘ cage ’ effect is often known as the Franck- 
Rabinowitch effect after the authors who first postulated its occur¬ 
rence in the photolysis of the alkyl halides in the liquid phase 148 . 
However the limitation does not apply if the reaction of methyl with 
a solvent molecule is used as the standard. Edwards and Mayo" 
have investigated the rates of a number of reactions of type 1 
relative to tlie rate of reaction 12 at 100 G in carbon tetrachloride 
solution, 

CH 3 + CC1 4 = CH 3 CI + CC1 3 .... (12) 

The radicals were produced by the pyrolysis of acetyl peroxide and 
the reactions were followed by measuring the relative rates of pro¬ 
duction of methane and methyl chloride. The rate constant ratios 
*1 M'12> obtained from the relation 

h i?cH.[cci 4 ] 

k\ 2 ^CH 1 Cl[RH] > 

are compared in Table 4.6 with the rate constants determined by 
Trotman-Dickenson and Steacie 1 " for the five compounds common 
to the two investigations. The table reveals a remarkable parallel¬ 
ism between the two sets of data ; ryr/ohexane apart, the constancy 


Table 4.6. Relative Rate Constants for the Reactions of Methyl Radicals 

in the Gas Phase and in Solution 


Compound 

k\ jk \2 (solution) 

at 100° C 

Benzene 

0-04 

Acetone 

0-40 

Toluene 

0-75 

Oct -1 -ene 

3-2 

Cyclo hexane 

4-5 


10 " 6 k\ (gas) 10 - 6 *, (gas) 

mole-l c.c. sec -1 (solution) 

at 100 ° C | U 12 [ 


0091 2-3 

1-0 2-5 

1-9 2-5 

7.7 ! 2-4 

3.4 0-8 


of the figures in the last column is much better than the reliability 
of the experimental results would lead one to expect. The wor IS 
important because it was the first accurate investigation of free 
radical reactions in the gas phase and in solution. However it must 
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be noted that Edwards and Mayo considered that the reacting 
species was the CH 3 COO radical and not methyl at all. It is 
always more difficult to decide the nature of the reacting species 
in liquid-phase reaction systems. 


The Reactions of Ethyl Radicals 

1 he four important photolytic sources of ethyl radicals are diethyl 
ketone, azoethane, diethyl mercury and propionaldehyde. The 
first source is the most convenient because azoethane is thermally 
unstable and comparatively difficult to prepare ; diethyl mercury 
is both unstable and involatile ; and the formyl radical pro¬ 
duced in the aldehyde photolysis causes complications. The most 
promising sources of thermal ethyl radicals are di-I-amyl per- 
oxide'50 and propionyl peroxide, neither of which has yet been 
used extensively. The thermal decompositions of the metal alkyls are 
rather too complex to be satisfactory. All studies of ethyl radicals 
are complicated by the disproportionation reaction to form ethane 
and ethylene, but the decomposition of the radical into ethylene and 

a hydrogen atom is not usually troublesome as it is slow at temper- 
atures below 300° G. 

The mechanism of the photolysis of diethyl ketone bears consider- 
able similarity to those of the photolyses of acetone and diethyl 
mercury, which have already been discussed. The currently 
accepted scheme which accounts very satisfactorily for the kinetics 
of the photolysis in the range 25° to 300° C was first suggested by 

Dorfman and Sheldonisi and has been confirmed and extended by 
Kutschke, Wijnen and Steaciei52. 


(C 2 H 5 ) 2 CO + /iv = C 2 H 5 + C 2 H 5 CO 

c 2 h 5 co = C 2 H 5 + CO 


2C 2 H 5 = C 2 H 6 + C 2 H 4 
2C 2 H 5 = C 4 H I0 

c 2 h 5 + (C 2 H 5 ) 2 CO = c 2 h 6 + C 2 H 4 COC 2 H 5 
c 2 h 5 + C 2 H 4 COC 2 H 5 = C 4 H 9 COC 2 H 5 

2C 2 H 5 COC 2 H 4 = (C 2 H 5 COC 2 H 4 ) 2 

c 2 h 5 coc 2 h 4 = c 2 h 5 + CO + C 2 H 4 


( 1 ) 

( 2 ) 

( 3 ) 

( 4 ) 

( 5 ) 

( 6 ) 


Reaction 6 is only of importance above about 170° C, below this 

temperature all the ethylene found in the products comes from 
leaction 1. Hence, 
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Amount of ethane produced 

in reaction 3 = A/? CHg 

= Total ethane — total ethylene 

= Total C 2 fraction — 2(total ethylene). 

Having thus found the amount of ethane produced in reaction 3, 
we may apply reasoning exactly similar to that applied when the 
photolysis of acetone was considered. We have 

A-ftc.n, = [K] and R Ct = k 2 [G 2 Y{ 5 \ 2 

where [K] is the concentration of diethyl ketone. 

Therefore hl k 2 l 2 = Atf C5 H # /^c t 1/2 [K]. 

Kutschke and Wijnen determined the ratio k 4 /k 2 l 2 independently 
and used slightly different methods for calculating their results, 
but they agreed that 

k^kf 2 = 104-2 exp (- 7 400 /RT) mole-1 2 c.cT 2 sec-f' 2 . 

The rate constants of all the metathetical reactions of ethyl radicals 
have been determined relative to the rate constant for the combina¬ 
tion of ethyl radicals, for which we will adopt the only value reported 
in the literature, k 2 = 10 13 ' 2 mole -1 c.c. sec -1 . This constant was 
measured by Ivin and Steacie 153 by the method described in section 
3.1. Values of rate constants thus obtained are given in Table 4.7. 


Table 4.7. The Metathetical Reactions of Ethyl Radicals 


Reactant 

Radical Source 

E 

kcal 

log A 

mole~l c.c. sec 1 

1 

1 

Ref- 

Deuterium 

Diethyl ketone 

13-3 

11-9 

154 

Hydrogen 

Diethyl ketone 

Diethyl ketone 

,(11-5) 

7.4 

10*8 

154 

152 

Azoethane 

7-6 

10*9 

155 

2,2' ,4,4' -letradeutero ; 
diethyl ketone 
(D atom removed) 

2,2',A,A'-tetradeutero 
diethyl ketone 

8-7 

1 ! *5 

156 

1 rr 

(H atom removed) 


11-7 

11-3 

156 

Azoethane 

A zo ethane 

7-5 

10*8 

157 

«ro 

Diethyl mercury 

Diethyl mercury 

6-2 

10-2 

153 

158 

Propionaldehyde 

Propionaldehyde 

81? 



These rate factors are based on k = 10>* ‘ mole“* c.c. see"* for the combination of ethyl radicals. 
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The reaction of ethyl radicals with deuterium has been studied 
by a competitive technique. If diethyl ketone is photolysed in the 
presence of deuterium, C 2 H 6 is formed by reactions 1 and 3 and 
C 2 H 5 D is produced by reaction 7. 

C 2 H 5 + D 2 = C 2 H 5 D + D .... (7) 

VVe may therefore write 

*t/*4 = (^c 2 h.d[K])/(A7? CiH .[D 2 ]). 

The ratio of C 2 H 5 D to C 2 H^ can be determined by analysis of the 
ethane with a mass-spectrometer and hence k 7 can be found. 
Obviously this method can be extended to the study of many other 
ethyl reactions, but it is tedious to have to prepare a large number 
of deuterated compounds ; it is simpler to use a deuterated ketone. 
I'oitunately the rate of abstraction of the secondary deuterium 
atoms from 2,2',4,4'-tetradeuterodiethyl ketone is so much faster 
than the rate of abstraction of the primary hydrogen atoms that 
this partially deuterated ketone, which is comparatively easily 
prepared, may be used instead of the fully deuterated compound. 
Then, if the ketone is photolysed in the presence of a hydrogen- 
containing compound RH, we shall have 

G 2 H 3 D 2 + RH = C 2 H 4 D 2 + R .... (8) 

and 

c 2 h 3 d 2 + (CH 3 CD 2 ) 2 CO = c 2 h 3 d 3 + CH 3 CD 2 COCDCH 3 . 

.... (9) 

A correction would have to be applied to allow for the CH 3 CD 3 
formed by disproportionation, but the experiment could be arranged 
so that the error due to any uncertainty in the magnitude of this 
correction would be small. Hence we could write 

k &l k 9 = (^c,H tDl [K]) /(A/? CiHiDi [RH]), 

and so determine k%. The results of such experiments would be of 
great interest. 

The chain-carrying rate-determining step in the high-tempera¬ 
ture photolysis of propionaldehyde is probably reaction 10 and the 

G 2 H 5 + C 2 H 5 CHO = C 2 H 6 + C 2 H 5 CO .... (10) 

chain-ending step is probably the combination or disproportionation 
of ethyl radicals. If these suppositions are correct, the activation 
energy of 8 -1 kcaU58 for the variation of the quantum yield of the 
photolysis should correspond to the activation energy of reaction 10. 

209 


G.K. 


! 4 



TRANSFER REACTIONS 

There are good reasons for thinking* 31,159 that the parallel argu¬ 
ment should not be applied to the analogous photolysis of acetalde¬ 
hyde 129 , possibly because the acetyl radicals may be involved in 
chain-ending reactions. But this difficulty should not arise with 
propionaldehyde, because propionyl radicals are much less stable 
than acetyl radicals. 

The Reactions of Propyl and Other Organic Radicals 

I he photolysis of di-w-propyl ketone is the only satisfactory source 
of //-propyl radicals for the study of metathetical reactions which 
has yet been exploited, but it is by no means ideal. It seems to 
be well established that the adsorption of a quantum of actinic 
radiation initiates two photochemical processes 160 * 161 . The first 
is the familiar radical decomposition, which even at low temperatures 
may be represented by the equation 

(C 3 H 7 ) 2 CO + //v = 2C 3 H 7 + CO, .... (1) 

because the butyryl radical is very unstable. The second is a 
molecular decomposition into ethylene and methyl //-propyl ketone. 
The formation of ethylene at all temperatures complicates the 
analysis, but it has been found possible to treat this photolysis in 
much the same way as the photolyses of acetone and diethyl ketone. 
If the rate constant for the combination of propyl radicals is assumed 
to be given by £ 2 — 10 14 mole -1 c.c. sec -1 , the rate constant for 
reaction 2 

c 3 h 7 + (C 3 H 7 ) 2 CO = c 3 h 8 + c 3 h 6 coc 3 h 7 .... (2) 

is given by 

k 2 = 10 10 ' 7 exp (— 6 500 /RT) mole -1 c.c. sec -1 . 

Di-zz-propyl mercury is rather involatile and is not sufficiently 
stable at the high temperatures, at which its vapour pressure is 
convenient, to be a satisfactory photolytic radical source 162 . 
/z-Propyl radicals are undoubtedly produced by the photolysis of 
/ 2 -butyraldehyde, 

/z-C 3 H 7 CHO + //v = / 2 -C 3 H 7 + CHO, 

but the quantum yield of the decomposition is not unity and the 
excited aldehyde molecule also decomposes by other mechanisms 163 . 
However it seems that the rate-determining chain-carrying step in 
the high-temperature photolysis is reaction 3. The butyryl radical 
is so unstable that none of the effects which complicate the kinetics 

C 3 H 7 4- c 3 h 7 cho = C 3 H 8 + C 3 H 7 CO .... (3) 
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of the acetaldehyde photolysis should be important. Hence the 
temperature coefficient of the quantum yield of carbon monoxide 
which corresponds to an activation energy of 5*6 kcal may be 
identified with the temperature coefficient of reaction 3. 

The only metathetical reaction of an ijo-propyl radical which 
has been studied quantitatively is its reaction with azo-bo-propane. 
When azo-bo-propane is photolysed it yields bo-propyl radicals 
which react as follows : 

C 3 H 7 + G 3 H 7 NNG 3 H 7 = C 3 H 8 + C 3 H 6 NNC 3 H 7 .... (4) 

2C 3 H 7 = C 3 H 6 + C 3 H 8 .... (5) 

2C 3 H 7 = C 6 H 14 .... (6) 

The rate at which propane is formed by reaction 6 is equal to the 
over-all rate of formation of propane minus the rate of formation 
of propylene. Hence, if the proportion of azo compound that is 
photolysed is small, 

*4/*6 1/2 = (*c,H. - ^c.h.)/^ u [(C 3 H 7 N) 2 ]. 

By analysis of the products formed at different temperatures 
£4 “ 1/2^6 has been found 164 to be 6-5 ±0-5 kcal and A 4 is 
1 o 1 0*4, if a 6 j s 10 14 mole -1 c.c. sec -1 . 

There are a few reactions of other organic radicals in the gas 
phase on which it has been possible to obtain reasonably accurate 
quantitative results almost by accident. The results are the by¬ 
product of researches planned with other ends in view. For ex¬ 
ample, Howlett 165 has been able to deduce a value of k-j = 10 9 * 6 X 
ex P ( — 8 000/RT) mole- 1 c.c. sec -1 for reaction 7 from the results 

C 2 H 3 C1 2 + C 3 H 6 = C 2 H 4 CI 2 + C 3 H 5 .... (7) 

of studies of the inhibition of the decomposition of 1,2-dichloroethane 
by propylene. 

The Reactions of the Oxides of Nitrogen 

The reactions of nitrogen dioxide are of interest because this sub¬ 
stance is one of the few gaseous free radicals whose concentration 
can readily be measured. The rate at which it reacts may be 
studied directly by following the change in its concentration with 
time ; this is usually done by measuring the absorption of light in 
the system. Unfortunately the over-all reactions are complicated, 
because the free radicals formed in the primary reactions are often 
oxidized by the nitrogen dioxide. Only in particularly favourable 
cases can the rate constant of the primary reaction be determined. 
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McDowell and Thomasl66 found that the low-temperature 

oxidation of acetaldehyde by nitrogen dioxide may be satisfactorily 
described by the scheme : 


CH 3 CHO + N0 2 = CH 3 CO + hno 2 , 
CH 3 CO + N0 2 = CH 3 C0 2 + NO, 
CH 3 C0 2 + HN0 2 = CH 3 COOH + no 2 . 


( 1 ) 

( 2 ) 

(3) 


The 1 ate constant of the first step, which is rate-determining, is 
given by k x = 1012*9 exp (- 16 000/RT) mole-i c.c. sec-l. They 
suggested that a parallel reaction, 4, might be the rate-determining 


HCHO + N0 2 = HCO + HN0 2 .... (4) 

step in the oxidation of formaldehydel^ to which the rate constant 
£4 — 10 10 * 1 exp (— 15 100//?7~)mole - i c.c. sec - * had been assigned ; 
the probable error of this activation energy is rather great. The 
expression for the rate constant of another similar reaction, 5 , 


N0 2 + CHO.CHO = CO.GHO + HN0 2 . ... (5) 

has been reported^ as k 5 = 10H-6 exp (— 19 800 /RT) mole " 1 c.c. 
sec -1 . 

There is some evidence that nitrogen dioxide will extract hydrogen 
atoms from alkanes* 69 , but the systems are so complicated by the 
subsequent oxidation of the radicals that it has not been possible to 
determine the rate constants of the primary reactions. 

A metathetical reaction of nitric oxide, 6 , may be the first stage 


NO + CCI 3 CHO = CCI 3 CO + HNO .... ( 6 ) 

in the decomposition of chloral catalysed by nitric oxide. The 
decomposition was followed only by measurement of the over-all 
pressure change so that no definite conclusions can be drawn, but 
it seems reasonable that the mechanism should be reaction 6 fol¬ 
lowed by the fast reactions 7 and 8 170 . 

Then k 6 = 1013*5 ex p (- 37 100 /RT) mole-1 c.c. sec-l. 

CCI 3 CO = CC1 3 + CO .... (7) 

CC1 3 + HNO = CHCI 3 + NO .... ( 8 ) 


4.3 Metathetical Reactions not involving the 

Transfer of Hydrogen Atoms 

The Reactions of Sodium Atoms 

The study of the reactions of sodium atoms with compounds con¬ 
taining halogen atoms has been of great importance in the develop¬ 
ment of gas kinetics. They were the first series of bimolecular 
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reactions to be investigated. Today far more rate constants of this 
type of gas reaction are known than of any other. 

Polanyi and his co-workers* 7 I devised two methods for the study 
of the reactions, both of which depend upon comparing the rate of 
diffusion of sodium atoms through a reactive gas with their rate of 
reaction with the gas. The first method is suitable for the investi¬ 
gation of those reactions of sodium atoms for which the rate of 
chemical change is comparable to the rate of collision between 
sodium atoms and halide molecules. The second method is suitable 
for the accurate study of reactions with collision yields of between 
10-1 and 10-5; a variation of this latter method, known as the 

life-period method, extends its range to include those reactions which 
occur on almost every collision. 

The reaction of sodium atoms with chlorine is typical of the 
reactions which have been studied by the first method, known as 
the method of dilute flames. Chlorine molecules and sodium 
atoms are admitted at piessures of about 0*01 mm to opposite ends 
of a^ tube 1 m long and 3 cm diameter which is heated to about 
300 C [figure 4.3 ( a)]. The gases diffuse into one another and 


Na. 




Figure 4.3. The dilute flame method for studying the reactions of atoms of the alkali metals. 

(a) Basic design of apparatus; (b) distribution of product and of light emission, and 
variation of the pressure of the reactants. 


react, depositing a cloudy film of sodium chloride on the walls of 

the tube. The density of the deposit, which can be measured, 

along the length of tube varies as shown in Figure 4.3 { b). The 

shape of this distribution curve can be derived analytically from a 

consideration of the rate of reaction and rates of interdiffusion of 

the gases. Hence, since the rates of diffusion are known, the rates 

of leaction may be calculated on the assumption that the primary 
reaction is 


Na + Cl 2 = NaCl + Cl. 
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Yellow light, corresponding to the sodium D-lines, is given off 
during the run ; the intensity of the emission varies along the length 
of the tube as shown in Figure 4.3 (b). This emission must be due 
to a secondary reaction. It can be satisfactorily explained on the 
assumption, for which there is much evidence, that the chlorine 
atoms are not removed by combination with sodium atoms, because 
of third-body restrictions, but by reaction with sodium molecules, 
which are present in lower concentration. Some chlorine atoms 
also combine on the walls. The reaction Cl + Na 2 = NaCl + Na 
is sufficiently exothermic 70 kcal) to excite the sodium atoms 
(48-3 kcal) whose emission is observed. The results of the experi¬ 
ments with halogens are given in Table 4.8 , together with the velocity 


Table 4.8. The reactions of sodium atoms with halogens , studied by the method of 

dilute jlames^t^ 



Na + FIal 2 = 

NaHal -f- Hal 

Na 2 -f- Hal = 

: NaHal + Na 

Halogen 

log k (exp.) 

log k (calc.) 

log k (exp.) 

log k (calc.) 


mole -1 c.c. see -1 

mole -1 c.c. sec - 

1 mole -1 c.c. sec -1 

jf 

mole -1 c.c. sec -1 

Cl 2 

14-6 

13-8 

lj 14-2 

13-4 

Br 2 

— 

— 

14-2 

13-7 

h 

14-8 

13-7 

13-4 

13-6 


constants calculated upon the assumption that reaction takes place 
upon every collision. The reactions of sodium atoms with hydrogen 
halides 172 , and with the volatile halides of tin and mercury* have 
been similarly investigated. 

The study of reactions which take place on every collision is of 
limited interest because it necessarily yields no information on 
the factors which determine energies of activation. Reactions such 
as those of sodium atoms with organic halides that have appreciable 
activation energies could only be studied by the dilute flame 
technique in tubes of very great length. However, the reaction 
zone may be restricted if the sodium vapour reacts in the presence 
of a large excess of halide. The general experimental arrange¬ 
ment 179 for this diffusion flame technique is shown in Figure 4.4. 

* For full reviews of reactions of this type see references 173 and 174. 
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A stream of carrier gas, which is usually either nitrogen or hydro¬ 
gen, at a pressure between 0*5 and 10 mm, is first saturated with 
sodium vapour at a pressure, P T , of about 2 X 10-3 mm by passing 
it through a vessel containing freshly distilled sodium maintained 
at a temperature of about 520° K. The gas is then injected through 
a nozzle of radius between one and two millimetres, r, into the 
reaction tube which is of about 6 cm diameter. Here the sodium 
vapour comes in contact with a stream of carrier gas and halide 
in which the partial pressure of the halide is between 5 x 10-3 an d 
10 mm, depending on its reactivity. The sodium atoms diffuse out¬ 
wards from the nozzle in all directions and are removed by reaction 


Sodium resonance lamp 

— 


Mixture of 
halide and carrier 
gas 


] 


/ 


/ / / I \ 


\ 



Observation 


Figure 4.4. The diffusion Jlame method for studying the reactions of alkali metal atoms 

basic apparatus. 


with the halide. The reaction zone is illuminated with a sodium 
resonance lamp so that from a position at right angles to the incident 
beam an almost spherical flame of excited sodium atoms is observed. 
At a distance R from the centre of the nozzle the partial pressure 
of sodium has fallen from the initial value of P T to the limit of 
detectability Pq, which may be determined by separate experi¬ 
ments. Then it may be shown that 

_ (In P T /P 0 - In R/r)28 

(R-r) 2 [HaV] .... (1) 

where k is the velocity constant of the reaction, $ is the diffusion 
constant of sodium in the carrier gas, and [Hal] is the concentration 
of halide in the reaction vessel. 

This method is subject to two kinds of errors. Errors of the first 
kind are those involved in the determinations of the concentrations 
and of R and 8. Errors of the second kind may arise if equation 1 
is not applicable because of, (*), back diffusion of the halide 
into the nozzle, (ii), distortion of the flame and whorl formation, 
(in), arbitrariness in the definition of r, (iv), depletion of the halide 
concentration, and ( v ), uncertainty of the value of P 0 . It is not 
possible to develop a complete hydrodynamic treatment of the 
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system or to assess directly the importance of (i), (ii) and (iii) ; 
but Heller determined experimentally in 1933 the conditions of flow 
to which equation 1 could be applied 1 76. Despite the fact that these 
conditions were not fulfilled in the early experiments it has always 
been found, when a series of halides has been re-investigated, that 
the original order of reactivities was correct. Cvetanovid and 
LeRoy 177 have re-examined the theory of the method, paying 
particulai attention to the depletion of the halide concentration ; 
again it seems piobable that the sequences of reactivities would be 
unaltered if the corrections, that they estimated, had always been 
applied. 

Unfortunately the diffusion flame technique is not well adapted 
to the measurement of the temperature coefficients of reactions 
because such quantities as the diffusion coefficient and the limit of 
detectability of sodium atoms may vary in a way which is difficult 
to assess. Most workers have measured rate constants at one 
temperature and have deduced activation energies from the col¬ 
lision theory equation k = exp ( —EjRT) by assuming that 
P = 1 and £ = 10 14 ’ 7 mole -1 c.c. sec -1 . Little reliance can be 
placed upon the early measurements of the temperature coefficients 
for the reactions of sodium atoms with methyl chloride, methyl 
bromide 175 and bromobenzene 178 . Cvetanovic and LeRoy 1 80 have 
determined the temperature coefficient of the reaction with ethyl 
chloride, taking every possible precaution. They found an activa¬ 
tion energy of 10-2 ± 0-5 kcal and a P factor of 1 - 0 ± 0-3, so it 
seems that, in this case, the usual assumptions are correct. How¬ 
ever, calculations of the entropies of the transition states show that 
P should be a factor of two or three lower for complex molecules 
than for methyl chloride. Accordingly little weight should be 
attached to small reported variations in activation energies for they 
may not be real. 

A modification of the diffusion flame method, which avoids many 
of its hydrodynamic difficulties, is the life period method 181 . The 
mean lifetime, t, of the sodium atoms admitted to the reaction 
chamber is found by measuring the number of atoms admitted in 
one second, and the steady number, jV", of atoms present in the 
flame. Then 

T = N\n and k = 1 /( T [Hal]) = n/(N[H al]). 

In the earliest work, the flame was photographed and ^determined 
by measuring the density of the shadow at a large number of points 
and integrating over the whole area of the shadow. This extremely 
laborious procedure was eliminated by measuring the total absorp- 
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tion of the flame with a photocell 178 - 182 which had been suitably 
calibrated. The results obtained by the diffusion flame and life 
period methods agree reasonably well 183 . 

Many results obtained by the diffusion flame and life period 
methods are given in Table 4.9. The first group of results are those 
of von Hartel and Polanyi 175 and of von Hartel, Meer and Polanyi 184 
whose primary aim was to survey as wide a field as possible. Their 
experimental conditions were such that the absolute rate constants 
reported are probably rather inaccurate ; but more reliance may 
be placed upon the relative magnitudes of the rate constants which 
are quoted here. There is every reason to believe that the order 
of reactivities is substantially correct. The absolute values of the 
rate constants for the reactions of the halomethanes, which are 
based on the results of Haresnape, Stevels and Warhurst 183 , are 
probably reliable, as are also the rate constants for the reactions of 
aromatic halides determined by Warhurst and his collaborators.* 

The sodium atom reactions differ from the other metathetical 
reactions considered here in that one of the products is ionic. 
Accordingly, the resonance form which may be conveniently written 

R.Cl-.Na+ 

will probably be of great importance in determining the heat of 
formation of the activated complex. This polar form may be 
stabilized by polar groups in the reactant molecule which might 
have little effect upon the heats of formation of complexes in 
which all the bonds were predominantly covalent. Evans and 
Polanyi suggested that chlorobromomethane reacts more rapidly 
than methyl bromide largely because of the existence of the three 
resonance forms of the complex 187 

/Bix Br- ✓Br 

H 2 C X Na, H 2 C* Na+, H 2 C. Na+. 

X C1 X C1 ci- 

Homopolar Principal ionic Additional ionic 

This negative group effect is also supposed to be the cause of the high 
reactivity of acetyl which may be partially due to the importance 
of the resonance form 

./°- 

CH 3 c( Na+. 

X C1 

* I am much indebted to Dr. Warhurst for telling me of his results and explaining 
their interpretation before he had published them. 
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Table 4.9. The Reactions of Sodium Atoms with Halides 
1 . The Effect of Substitution in the Halide on the Rates of Sodium Atom Reactions. 


a 


X > V means that the rate constant for the reaction of Na with Y is 
a times the rate constant for the reaction with X. 

Series I Change in halogen atom^S. 

>10’ 200 50 
CH 3 F-> CH 3 C1-> ClI 3 Br-> CH 3 I. 

Series II Lengthening of carbon chain l 84 . 

GH 3 CI 2 >C 2 H 5 C 1 - > n-C 3 H 7 Cl-^A«-C 4 H 9 Cl—>»-C 5 H u C 1 . 

CH 2 C1 2 -> GH 3 CHCI C 2 H 5 CHC1 2 . 

Series III Primary , Secondary and Tertiary Halides 184. 

C 2 H 5 C1 zjo-C 3 H 7 C1 t- C 4 H 9 CI. 
k-C 3 H 7 C1-^c-C 4 H 9 C1 /-CsHuCl. 

Series IV Double bond in ^-position to chlorine atomic. 

a-C 3 H 7 Cl —> CH 2 :CHCH 2 C1. 

~ 1 000 

ch 3 ci —> C 6 H 5 CH 2 C1. 

Series V Double bond in a -position to chlorine atom 184 . 

C 2 H 5 C1 —► C 2 H 3 C1. 

Series VI Increase in number of chlorine atoms on carbon atom^ 4 . 

CH 3 C1 —> CH 2 C1 2 —CHC1 3 —> CC1 4 . 

Series VII Presence of oxygen a/oz/w 184-186 . 

ch 3 ci —> CH 3 OCH 2 Cl. 

70 

ch 3 ch 2 ci —> ch 3 coci. 

2. The Reactions of Sodium Atoms with the Halomethanes 183, 185. 

Arrows indicate increase in rate constant. 


900 

CCI 4 

\ioo 

CHC1 3 

\ 7 

ch 2 ci 2 

\ 0-7 

CH 3 C1 


3 000 
CCl 3 Br 

\l 100 1 800 3 600 

CHCI 2 Br -> CHClBr 2 -> CHBr 3 

\ 190 / \ 380 / 

CH 2 ClBr -> CH 2 Br 2 

\ 38 / 

CH 3 Br 


The figures above the formulae are the rate constants at 255° C in K)H mole 
sec -1 for the reaction of sodium atoms with the compounds. 
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Table 4.9 (< continued) 

3. The Reactions of Sodium Atoms with Aromatic Halides. 

C 6 H 4 XY + Na = C 6 H 4 X + NaY 
log k refers to the rate constant at 520° K in mole 1 c.c. sec 1 • 

The activation energies , E , are calculated from the fonnula 

k = 1014-7 exp (— E/RT) and are in kcal : 


Bromobenzcnes Y = Br 


1 

v 

H 

ch 3 

Cl 

i 

. i 

ch 3 o 2 c 

H 1 

CN 

Pyridine 


log k 

i 

i 

E | 

log k 

E 

log k E 

log A- E 

log k E 

i 

log k 

E \ 

log k E 

0- 

11-4 

7-8 

11-5 

7-6 

12-6 50 

13-8 2-2 

12-2 60 

13-3 

3-3 ’ 

13-3 3-4 

m - 

11-4 

7-8 

11-2 

8-3 

11-9 6-6 

12-G 5-0 

12-8 6-9 

12-G 

5-0 

11-8 6-7 

p- 

11-4 

7-8 

11-3 

8-2 

11-6 11-3 

' 12-6 5 0 

_ ! _ 

i i 

12-8 

4-4 

_ 

• 


Chlorobenzene Y = Cl X = F 



log k 

E 

0- 

10-3 ! 

10-4 

m- 

9-8 

11-7 

P- 

9-0 

13-0 


4. Miscellaneous Reaction of Sodium Atoms with Halides. 

Values of log k , mole -1 c.c. sec -1 at 520° K 


Fluorides 


CH 3 F 7 • 3 

c 2 f 4 

11-0 CF 3 COF 

11-5 

CH 2 F 2 8 • 8 

C 6Fi 2 

11-7 CF 3 COOH 

13-0 

CHF 3 8-8 

C 6 F u CF 3 

12-0 


CF 4 9-4 

sf 6 

13-3 i 


Chlorides 

«-C 3 H 7 Cl 9-4 

ch 3 och 2 ci 

11-3 HOOCCH 2 Cl 

13-3 

CF 3 C1 10-7 

c 2 h 5 oocci 

11-6 CH 3 COCl 

13-4 

CHF 2 C1 10-0 

C 2 H 5 OOC*CH 2 Cl 13-2 


Bromides 

CL-Bromonaphthalene 12*7 

fi-Bromonaphthalene 

12-1 

C 2 H 5 Br 

12-4 

CH 2 BrCH 2 Br 

13-3 

Iodides 

CH 3 I 

13-6 

CF 3 I 

14-0 

Cyanides 

CH 3 CN <6-6 

C 2 H 5 0 2 C • CH 2 CN 11-6 

c 6 h 5 ch 2 cn 

9-8 


These figures are from unpublished work of Warhurst and his collaborators and reference ISO. 
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It seems that the negative group need not necessarily be attached 
to the same atom as the reacting halogen, for acetylene dichloride 
and ethylene dichloride react much faster than vinyl chloride and 
ethyl chloride. The original arguments adduced in support of 
the negative group theory are perhaps open to question, but the 
concept of the effect does seem to be useful. The monotonous 
decrease of reactivity found both for the o-, m- y and p- substituted 
bromo- and chlorobenzenes and the greater reactivity of the sub¬ 
stituted than the unsubstituted compounds may be understood in 
terms of the negative group effect. The stabilization of the com¬ 
plex would be expected to decrease as the separation of the groups 
increases. This expectation is generally borne out by the experi¬ 
mental results. 

Other Reactions 

Apart from the reactions of sodium atoms, comparatively few 
metathetical reactions which do not involve the transfer of a hydro¬ 
gen atom have been studied quantitatively. A few of them which 
are more conveniently considered along with the hydrogen transfer 
reactions are discussed in other sections. A list of the remainder 
together with their rate factors is given in Table 4.10. The means by 
which these values have been obtained are of great technical interest. 


Table 4.10. Metathetical Reactions not involving the Transfer of Hydrogen Atoms 


Reaction 

log A 

mole -1 c.c. sec -1 

E 

kcal 

1 

Reference 

N0 2 + CO = NO + C0 2 

11-7 

27*8 

188, 189 

NO, + H 2 = NO + H 2 0 

| 9-3 ? 

18 ? 

190 

no 2 + o 3 = no 3 + o 2 

; 12-8 

| 7-0 

191 

N0 2 + F 2 = N0 2 F + F I 

12-2 

i 10-5 

192 

C10 2 + F 2 = C10 2 F + F 

10-6 

8-5 

193 

N0 2 C1 + NO = N0 2 + NOC1 

11-9 

6-9 

194 

NOC1 + no 3 = no 2 ci + no 2 

12 a 

6 

195 

COCI + Cl 2 = COCl 2 + Cl 

12-4 

6-3 

i 

196 

COC1 + Cl = CO + Cl 2 

NOC1 + COCI = COCl 2 + NO 

14-6 

I 

0-8 

196 

or Cl 2 + CO + NO 

13-7 

M 

197 

NOC1 + Cl = NO -f- Cl 2 

13-1 

1-1 

197 

NO + CI 2 = NOC1 + Cl 

12*6 

20-3 

198 

NO + 0 3 = N0 2 + 0 2 

| 

11-9 

I 

2-5 

199 


a This A factor was assumed, only the rale constant was determined. 
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Most of the reactions are very fast at room temperature and yet 
most of them have been studied directly. The development of some 
very elegant experimental devices has made possible the measure¬ 
ment of rate constants of the order of 10 5 mole -1 c.c. sec -1 : that is, 
of the order of, for example, the rate constants for the reactions of 
methyl radicals with hydrocarbons at 100 G. This achievement 
is the more remarkable because all the reaction systems involve 
highly corrosive reagents. 

The rate-determining step in the oxidation of carbon monoxide 
in high concentrations of oxygen, catalysed by nitrogen dioxide, 
is the reaction 


CO + N0 2 = C0 2 + NO .... (1) 

after which the nitric oxide is rapidly re-oxidized by molecular 
oxygen and the cycle is repeated. The rate of reaction 1 has been 
found 189 - 200 by measuring the rate of decrease of pressure in a 
static system containing some 500 or 50 mm of carbon monoxide, 
250 or 600 mm respectively of oxygen and between 0 • 1 and 30 mm 
of nitrogen dioxide at temperatures from 385° to 527° C. The 
rate of the reaction 1 has also been measured directly in a static 
system with pressures of carbon monoxide from 290 to 30 mm and 
of nitrogen dioxide from 0-05 to 0*6 mm by determining the rate 
of production of carbon dioxide analytically over the temperature 
range from 225° to 290° C 188 . The agreement between the 
Arrhenius equations obtained by the two methods is excellent. 

Grist and Wertz 190 attempted a parallel study of the catalysed 
oxidation of hydrogen by nitrogen dioxide at high concentrations 
of oxygen, in order to measure the rate constant of the reaction 

H 2 T NO 2 = H 2 O -j- NO. 

However, complicating side reactions were observed and the authors 
do not claim great accuracy for their results. It seems likely that 
the activation energy found by them is too low. If this is so, it 
explains why the A factor for this reaction is smaller than that for 
any of the others. 

Johnston and Yost 191 developed a new and powerful experimental 
technique, in order to study the rate of the reaction of nitrogen 
dioxide with ozone, which can be used to follow second-order 
reactions with half-lives of about 0 • 1 sec. Three metered streams of 
oxygen were used, ( i ) to pick up N0 2 from a saturator containing 
cold liquid N 2 0 4 , (ii) to dilute the N0 2 stream to the desired final 
concentration, and (Hi) to yield ozone from a silent electric discharge 
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tube which converted 5-5 per cent of the oxygen (the proportion 
was found to he independent of the rate of flow). The two resulting 
streams were mixed in a mixing chamber with tangential jets of the 
type developed by Hartridge and Roughton 201 for the study of 
reactions in solution. It was found that the mixing took place in a 
time short compared with that needed to establish the N0 2 - N 2 0 4 
equilibrium ; hence it was complete in 0-01 sec. The mixed 
gases flowed through the reaction cell of 2 mm internal diameter 
and 37 mm long. To start the run, the reaction vessel and its 
contents were isolated by closing a stainless steel gate across the 
inlet and outlet tubes. The mechanism for closing the gate initiated 
the discharge of a condenser which caused an oscilloscope to give 
a single sweep of its beam across its X-axis. 

A convergent beam of filtered light passed through the reaction 
cell and was chopped with a frequency of 300 cycles per second by a 
shutter driven by a synchronous motor. After passing through the 
cell the light beam fell on a photomultiplier tube, whose output 
was fed through a d.c. amplifier on to the Y-plates of the oscillo¬ 
scope. The trace on the oscilloscope was photographed on one film 
by a camera. The final record appeared as a modulated wave 
packet whose width was simply related to the concentration of N0 2 
in the cell and whose wave-period was known precisely from the 
speed of the synchronous motor. 

The mixing chamber and reaction vessel were contained in an 
air thermostat, but the temperature control was not very satis¬ 
factory. The reaction generated a considerable amount of heat so 
that the conditions under which it was studied were neither adia¬ 
batic nor isothermal. However, by careful measurements with a 
thermocouple placed close to the outlet of the reaction vessel, the 
temperature at which the reaction took place could be estimated 
reasonably accurately. T he reaction was beautifully second order. 
No systematic trend in the rate constant was found even though 
the concentration of each reactant was varied by a factor of ten. 

A modification of the same apparatus 2 ** 2 was used to follow the 
rate of reaction between nitryl chloride and nitric oxide with both 
gases at pressures between 3 and 20 mm* 94. The analysing light 
beam was of a wavelength of 4360 A, which is absorbed by both of 
the products, nitrosyl chloride and nitrogen dioxide. The reaction 
was also studied at pressures of the order of 0-3 mm of both of the - 
reactants, which were introduced into a 22-litre reaction vessel from 
a pair of gas pipettes. The progress of the reaction, which took 
about 100 sec, was then followed by light absorption and was 
recorded by conventional methods. 
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An identical method was used 192 to measure the rate of the reac¬ 
tion N0 2 + F 2 = N0 2 F + F, which is the initial and rate deter¬ 
mining step in the formation of nitryl fluoride from nitrogen dioxide 
and fluorine. 

The reactions involving the COC1 radical are steps in mechanisms 
which have been proposed to explain the behaviour of rather 
complex over-all reactions such as the formation of phosgene from 
carbon monoxide and chlorine. The determination of these rate 
constants was incidental to the study of a complete system and, con¬ 
sequently, it is most convenient to defer description of the methods 
used until the system as a whole is discussed in section 5.1. 

From the table it can be seen that the A factors for most of the 
reactions lie within the range 10 11 to 10 13 mole -1 c.c. sec -1 , as would 
be expected for reactions between atoms and simple molecules. 
The majority of the reactions are strongly exothermic so that it is 
not surprising that they have low activation energies. The only 
reaction for which the rate factors have been calculated in detail 
is that between chlorine atoms and nitrosyl chloride 197 . The 
agreement of the calculated with the experimental values is very 
satisfactory. 


4.4 The General Properties of 
Metathetical Reactions 

In the first three sections of this chapter the rate constants and 
rate factors of metathetical reactions and the methods by which 
they have been determined have been described. In this section 
we shall discuss the general significance of these determinations. 
It is important to discover the pattern into which the experimental 
results fall for two reasons. First, the general rules governing 
reactivity must be found so that it can be seen if they agree with 
theoretical anticipations. Unfortunately, the theories are not so 
precise that it is possible to test them adequately by the numerical 
prediction of a few rate constants ; but if they successfully predict 
the over-all trends, we may accept them as a useful guide to our 
understanding. Secondly, the over-all pattern must be surveyed so 
that the most important gaps in our present knowledge can be 
clearly seen. It will then be possible to decide the questions which 
it will be most profitable for future workers to seek to answer. If 
the form of the puzzle can be discerned, it will be most profitable 
to seek the key pieces which are missing. The haphazard measure¬ 
ment of rate constants is likely to be wasteful. 

The pattern into which the rate constants of the metathetical 
reactions fall will be discussed first because they are determined 
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directly. The reactions of methyl radicals with several series of 
compounds have been studied sufficiently fully for it to be possible 
to draw certain conclusions about the trends in reactivity within the 
groups. The best investigated of all these series is that of the alkanes. 
Here it is apparent that the compounds fall into three groups. The 
compounds in the groups react with activation energies of (i) about 
10 , (ii) about 8*2, and (Hi) less than 8 kcal and contain, respectively, 
(i) only primary, (ii) primary and secondary, and (Hi) primary and 
tertiary hydrogen atoms. Now 2,2,3,3-tetramethylbutane contains 
three times as many primary hydrogen atoms as ethane, and 
2,2-dimethylpropane contains twice as many. Since the three com¬ 
pounds all react with methyl with nearly the same activation energy, 
the hydrogen atoms in these compounds may be considered equi¬ 
valent. Similarly, 2,3,4-trimethylpentane has three reactive tertiary 
hydrogen atoms, while 2,3-dimethylbutane has two and 2-methyl- 
propane only one. We can by inspection decide how many ‘ active ’ 
hydrogen atoms there are in an alkane and, after making a very 
small correction for the presence of less active types of hydrogen 
atoms in the compound, find by division the reaction rate character¬ 
istic of the ‘ active ’ hydrogen atom. Thus there are four ‘ active ’ 
hydrogen atoms in /z-butane and six less active primary atoms. It 
can be shown, by consideration of the results obtained with com¬ 
pounds containing only primary atoms, that the rate constant 
characteristic of a primary hydrogen atom reacting with methyl 

at 182° G is about 0-3 X 10 6 mole- 1 c.c. sec -1 . Hence the rate 

constant characteristic of a secondary hydrogen atom in /z-butane is 
1 / 4(11 _ (6 x 0-3)} = 2-3 X 106 mole -1 c.c. sec -1 (the rate con¬ 
stants used in this discussion are those determined by Trotman- 
Dickenson and Steacie 120 ). The figures listed in Table 4.11 have 
been obtained in this way. This procedure is justified solely by the 
interesting nature of the results, which show that it is reasonable to 

Table 4.11. Rate Constants characteristic of the Reaction of Methyl Radicals with 


Hydrogen Atoms in Alkanes 


10 -6 k. characteristic , at 182° C 

Type of hydrogen atom 

(mole - * c.c. sec -1 /atom) 

Primary 

0-3, 0-2, 0-3 

Secondary 

2-3, 2-0, 2-0 

Tertiary 

18, 17, 10 
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regard the different types of hydrogen atoms in a molecule as if they 
were present in separate molecules in a multicomponent mixture. 

In general, tertiary atoms react more rapidly in metathetical 
reactions than secondary atoms, and secondary atoms react more 
rapidly than primary atoms. This rule is supported by the figures 
listed in Table 4.12 for the reactions of atoms and methyl radicals 
with different classes of compounds. In order to learn more about 
these variations in rate constants, their nature and their cause we 
must consider the data on the more fundamental rate factors. 


Table 4.12. The Reactivities of Primary , Secondary and Tertiary Atoms in 

different Metathetical Reactions 

The reactions of methyl radicals with various classes of compounds 


Class of compound 

Alkane 

Alkene 

Alkyne 

Ether 

Alcohol 

Type of hydrogen atom 

10-6 

kper H at 182° C mole - 

1 c.c. sec “I/atom 

Primary 

1 

0-3 

5 

1 ' 

1-5 

2 

Secondary 

2-1 

17 1 

38 

— 

10 

Tertiary 

15 

53 

— 

19 

31 


Reference 120. 


The reactions of atoms RX + Y = R -f XY 


R is an alkyl radical 


Y 

H 

Br 

Na 

X 

H 

H 

Cl 

Temperature °C 

100 

100 

250 

Type of hydrogen atom 

10-6 A: per H 

Relative values 


mole - 1 c.c. sec~T/atom 

only 

Primary 

200 

0-2 

1 

Secondary 

5 000 


2 

Tertiary 

60 000 

55 000 

6 

Reference 

26 

76-78 

184 


With very few exceptions, the A factors of the atomic reactions 
discussed so far in this chapter are greater than 10 1 3 mole~l c.c. sec~b 

c.k. 225 ,r 
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Most of the reactions of diatomic and triatomic molecules listed in 
Tabic 4.10 have A factors of the order of 10 12 mole -1 c.c. sec -1 . The 
metathetical reactions of methyl radicals have A factors of the order 
of 10 11 mole -1 c.c. sec -1 . The frequency of the occurrence of 
A factors of a particular magnitude is shown in Figure 4.5. It can be 
clearly seen that there is a most probable value for the A factor 
of a methyl reaction and that the spread of values is not great. It 
is likely that if companion diagrams could be drawn to show the 
frequency of occurrence of A factors of other classes of reaction, the 
distribution of the values would be similar : sufficiently extensive 
data on other reactions are, unfortunately, not yet available. The 
reactions of large radicals (which have only been investigated in 
solution) have still smaller A factors. For example, the reactions 
of tri-/;-diphenylmethyl and of tri-/>-/-butylphenylmethyl with 
toluene have A factors of 10 10 *^ and 10 9 * 7 mole -1 c.c. sec -1 
respectively 204 . 



A factor 


Figure 4.5. The frequency of occurrence of A factors 
of the metathetical reactions of methyl radicals 
{as of September 1952 , the addition of the few 
recent determinations would not alter the appear¬ 
ance of the fipure). {Compare Ouart. Rev. Chem. 
Soc. 7 {1953) 198.) 


This gradation and the individual magnitudes of the A factors 
are in accord with the predictions of the transition state theory of 
chemical kinetics. Calculations have been made of the A factors of 
various hydrogen, chlorine, bromine and sodium atom reactions. In 
each case the agreement with experiment is satisfactory. Accurate 
estimates of the A factors of the reactions of large radicals cannot 
be made because the size of the barrier to free rotation in the acti¬ 
vated complex is not known. The entropy associated with the 
internal rotation of a large group is considerable and if any error is 
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made in its estimation, the consequences will be serious. However, 
it can be assumed that a methyl radical rotates freely in the complex ; 
on this basis calculations of the A factors of the reactions have been 
made which are in excellent agreement with experiment. 

There are a number of experimental results listed in this chapter 
which do not follow the general trend. One of them is the A factor 
of 10 10 * 5 mole -1 c.c. sec -1 which has been reported33 f or the reac¬ 
tion of hydrogen atoms with methane, 1. Now the A factor of the 
reverse reaction of methyl with hydrogen is well established : it is 

H -f- CH 4 = GH 3 T H 2 .... (1) 

10 11 * 5 mole -1 c.c. sec -1 . These two A factors are simply related by 
the expression 

R In A 1 1 A —1 = A 61 . 

The entropies of the hydrogen atom and the normal molecules are 
accurately known and a minimum value of 45-5 e.u. may be esti¬ 
mated for the entropy of the methyl radical. Hence we find205 that 
A\ ^ 10/1-j or A\ ^ 1012-5 mole -1 c.c. sec -1 . Until further experi¬ 
mental evidence is available it would seem safest to disregard the 
low value of A\. 

The very high A factors (1017*6 and 1017*0) which h av e been 
reported 76-78 f or the reactions of bromine atoms with 2 -methyl- 
propane and 2,2-dimethylpropane are also anomalous. No other 
instances are known of the A factors of reactions of normal molecules 
exceeding the rates of collision by so large an amount. As the 
experimental results on these reactions show other peculiarities, 
there is no need to discard theories which are otherwise satisfactory 
until the findings have been confirmed. 

Since the A factors of a given class of reactions are reasonably 
constant, it would be expected that the variations in the rate 
constants listed in Table 4.12 should be attributed to variations in 
the activation energies. This is not always so ; the variations 
in the rate constants for the reactions of methyl with alkenes can be 
entirely attributed to variations in the A factors. The energies of 
activation do not alter outside the limits of experimental error. 
Table 4.13 gives the rate constants and A factors per active hydrogen 
atom characteristic of the different types of hydrogen atoms in the 
alkenes. This behaviour is exceptional and has not yet been 
observed in any other series of reactions, but it does demonstrate 
the importance of directly determining A and E whenever possible : 
values of one constant derived from an assumed value of the other 
may be considerably in error. 
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As already noted, little progress has yet been made in the absolute 
calculation of the activation energies of metathetical reactions. But 
attempts to relate the activation energies of the members of a series 
of reactions have met with some success, though the results are not 
as satisfactory as is sometimes assumed. Common sense suggests 
that, other things being equal, those reactions in which a strong 
bond is broken will have higher activation energies than those in 
which the bond is weak. Evans and Polanyi 206 have given this 
generalization a more precise numerical form. They considered 
the sodium flame reactions. 

Table 4.13. Rate constants and A factors for the Reactions of Methyl Radicals 

with Alkenes 

Rate constants at 182° C ; both k and A are given in units of 

mole -1 c.c. sec -1 /atom 

Both quantities are expressed in terms of the number of active hydrogen 
atoms. 


Type of hydrogen atom 

10 -6 k per H 

10 - 10 AperH 

Primary 

4, 5, 4, 6 

2 

Secondary 

17, 18 

7 

Tertiary 

53 i 

23 


Figure 4.6 represents the potential energy curves for the reactions of 
sodium atoms with two alkyl halides RX and R*X. The curves are 
simple because it can be assumed that the sodium atom can approach 
the halide atom X, until the nuclei are separated by the sum of the 
ionic radii of X - and Na + , without encountering any repulsion. 
The curve (a) is the bond extension energy curve for RX ; it is 
derived from the Morse curve for the hypothetical diatomic molecule 
G—X. Curve ( b) is the repulsion curve for the radical R and the 
ion X-. These two curves are correctly related to one another by 
placing them so that the energy difference between the initial state, 
/, and the final state, F, is equal to the known heat of reaction A H. 
The point at which the two curves cross represents the activated 
complex for the reaction. The activation energy of the reaction is 
given by the height of the crossing point, F, above the level of the 
initial state. In fact, the two curves do not intersect sharply ; the 
crossing is rounded off because of the resonance between the ionic 
and homopolar forms of R—X—Na at this point. However, in 
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this case the resonance energy is small and probably remains 
unchanged throughout the series of reactions, so for the present we 
shall ignore it. 

Now, the reaction of a similar molecule R*X may be represented 
by the curves ( a ) and (c). Because the heat of this reaction is 
different from that of the first reaction, curve (c) will be displaced 
A H* — A H from curve (b), but it will have the same shape. It 



Figure 4.6. Potential energy curi es for the reactions of sodium atoms with alkyl halides. 

can be seen from the figure that the values of A H and A//* are 
determined by the dissociation energies of the R—X and R*—X 
bonds respectively. 

The activation energy of the second reaction is E*. It is evident 
from the construction of the figure that E* < E and that E — E* 
< A H — A H*. Furthermore, provided the changes in E and A H 
are comparatively small, the shapes of the curves at the points of 
crossing will not vary. Hence by simple geometry the variation of 
the activation energies with the heats of the reactions may be 
represented by an expression of the form. 

E = a AH + c, where 0 < a < 1. 

This expression is analogous to the Bronsted equation which relates 
the catalytic coefficients and dissociation constants of acids and 
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bases. Butler and Polanyi 2 °7 deduced from the shape of the curves 
that a ~ 0*27 for the reactions of sodium atoms with alkyl chlorides. 

When this relation was developed, the necessary data on which 
to test it were not available. But the rates of the reactions of sodium 
atoms with many alkyl chlorides and the rates of decomposition 
of many alkyl iodides had been measured. Butler and Polanyi 
assumed that the A factors remained constant throughout each 
series of reactions and hence deduced relative activation energies 
for the metatheses and the decompositions. They found a linear 
relation, with a ^0-25, between these activation energies for the 
reactions of allyl and alkyl chlorides and for the decompositions 
of the iodides. However, no linear relation is found if the same 
activation energies for the reactions are compared with the most 
recent values for the dissociation energies of the C—Cl bonds. 

Although this treatment is not successful when applied to the 
system for which it was originally designed, several workers have 
been stimulated to try to discover if the treatment will apply to 
other systems. Unfortunately they have rarely accumulated suf¬ 
ficient experimental data to make an adequate test. Steiner and 
Watson 60 proposed a relation covering the activation energies for 
the reactions of chlorine atoms with alkanes ; but the activation 
energies were derived from measurements of rate constants, effec¬ 
tively at one temperature, on the assumption that the A factors 
were constant. As the changes in activation energy were very 
small, this assumption is not acceptable. Bolland 208 proposed a 
linear relation between the activation energies for the reactions of 
R—O—O—radicals with unsaturatcd compounds and the strengths 
of the R—H bonds attacked ; again, the activation energies were 
not directly determined. Moreover, the bond strengths were 
derived theoretically from calculations of the resonance energies of 
the radicals formed and differ markedly from the best experimental 
values. Trotman-Dickenson 209 proposed a relation between the 
activation energies for the metathetical reactions of methyl radicals 
with alkanes and the strengths of the relevant G—H bonds. The 
activation energies were directly determined and a was found to 
have a value of approximately 0-5, which had been predicted on 
the grounds of the symmetry of the reactions ; but the C—H bond 
strengths were estimated by a questionable procedure. It is not 
certain that the values which were selected are wrong. There are 
still good reasons for thinking that they are approximately correct, 
but there is some evidence that they may be unreliable 210 . It 
would not be surprising if the activation energies of these three 
classes of reactions did not fit a simple relation. The relation was 
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suggested for reactions in which the resonance energies of the 
activated complexes are small. The resonance energies of the 
complexes of the reactions involving the transfer of hydrogen are 
large. Small variations which may occur in these resonance 
energies will completely obscure the variations which depend upon 
bond strengths. Nevertheless, it seems that the relation is of some 
value even when applied to such reactions and it will continue to 
serve as a stimulus to the more precise and extensive measurement 
of activation energies and bond strengths. 

Various conclusions may be drawn as to the magnitude of a for 
different series of reactions. For any reaction (2), 

X + YZ = XY + Z .... (2) 

E 2 - E - 2 = A// 2 . 

Then, if for a series of similar reactions 


E 2 — a 2 A// 2 + c 2 , 

by simple algebra 

E— 2 = (a 2 — 1) A // 2 + c 2 . 

This expression may be written 

E—2 — a- 2 A H-2 + r 2 , 

when ot.- 2 = 1 — a 2 . 

This simple deduction shows that a cannot always have a value of 
approximately 0-3, as has been suggested by some writers. 

Further information about a may be obtained by considering the 
geometry of Figure 4.6. If the slopes of the potential energy curves 
are equal at the point of intersection, then a will equal one half. In 
general, the greater the activation energies of a series of reactions 
the larger the value of a will tend to be. Hence, because of the 
relative strengths of the BrH, CFI, HFI and C1H bonds, we should 
expect that if the reactions of bromine atoms, methyl radicals, 
hydrogen atoms and chlorine atoms with a series of compounds 
such as the alkanes obey the simple relation, the values of a will 
vary as follows : a Br > a C H, > a H > aa- Furthermore, it would 
be expected that the activation energies for the more reactive 
members of each series will be rather larger than the value which 
might be predicted from the strengths of the bonds broken. This 
deviation will arise because the potential energy curves near the 
points of intersection are not perfectly straight, but are somewhat 
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curved. However, it would not be surprising if these predictions 
were shown to be inaccurate when new information is available. 
Despite the reasonableness of the Polanyi relation, it is clearly of 
very limited application. Sufficient data are at present available 
to show that it can only apply to a small series of reactions of very 
closely related compounds such as the alkanes. No simple formula 
relates the activation energies of all methyl radical reactions. 

The only series of reactions which had been comprehensively 
studied and for which reliable rate factors had been reported by the 
spring of 1954 was that of the metathetical reactions of methyl 
radicals involving the abstraction of hydrogen atoms. In the future, 
many more series will be investigated. In this way, we may learn 
much about the factors which determine rate factors, especially 
those which determine energies of activation. The hydrogen abstrac¬ 
tion reactions of hydrogen, chlorine and bromine atoms should soon 
be fully studied. Suitable experimental methods are available ; it 
is now a matter of applying them. The investigation of the re¬ 
actions of the larger radicals is technically difficult, but the prospects 
of obtaining accurate rate factors for the hydrogen abstraction 
reactions of ethyl and CF 3 radicals are good. Most rewarding of 
all may be studies of the rates of abstraction by atoms and radicals 
of atoms other than hydrogen. This field has hardly been entered 
yet, although the exploratory techniques would not seem to be 
prohibitively difficult. 

4.5 The Disproportionation of Free Radicals 

In general, when two free radicals react they either combine or 
disproportionate. Thus, two ethyl radicals may form either butane 
or an equimolecular mixture of ethane and ethylene. Dispro¬ 
portionation reactions are rather like the metathetical reactions 
considered earlier in the chapter, for in them a hydrogen atom is 
transferred from one molecule to another ; but whereas the normal 
metathetical reactions are only some 0 to 25 kcals exothermic, the 
disproportionation reactions of ethyl, w-propyl and iso -propyl radi¬ 
cals are 58, 64 and 54 kcal exothermic respectively. Consequently 
it would be expected that disproportionation reactions would have 
low activation energies. Indeed, if they had not, they would never 
be observed, for the concentrations of free radicals in reaction systems 
are so low that two of them rarely collide. There is no reason why 
mixed disproportionations, such as the reaction of a methyl with 
an ethyl radical, should not occur, but none has yet been quanti¬ 
tatively studied in the gas phase. The disproportionations discussed 
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in this section are all reactions between two identical radicals. As 
yet no disproportionation reactions which involve the transfer of 
atoms other than hydrogen have been investigated. 

Inevitably three reaction products of significance are formed in 
any system in which disproportionation occurs ; the saturated 
molecule formed by the addition of a hydrogen atom to the radical ; 
the unsaturated molecule formed by removing a hydrogen atom 
from the radical ; and the radical dimer. As the first two products 
have very similar physical properties the analytical problems are 
considerable. Little advance was made in the study of these reac¬ 
tions until recently, when modern analytical devices, especially the 
mass-spectrometer, became available. 

The free radicals whose disproportionation reactions have been 
studied have usually been produced by the photolysis or pyrolysis 
of a suitable compound, by the mercury photosensitization of a 
saturated molecule, or by the addition of a hydrogen atom, formed 
by mercury photosensitization, to an olefin. Metallic alkyls, 
ketones and aldehydes have been used as photolytic sources. Let us 
represent the parent molecule by the letter M ; then the reaction 
scheme is basically as follows : 

M + hv = R or 2R .... (1) 

R + R = RH + r .... (2) 

R + R = R 2 > .... (3) 

where R is a free radical and r the olefin formed by removing a 
hydrogen atom. 

It can be seen that 

k 2 = R T /[ R]2 or * rh /[R ] 2 and k 3 = R r J[R]2 

Hence, = or /? rh //?r 2 , 

and the ratio k 2 \k-± may be found by analysing the reaction mixture 
for R 2 and RH or r. However, the reaction scheme is not usually 
as simple as the one written above. Often r or RH is formed by 
reactions such as 4 and 5, 

R H - ^4 — m -f- RH .... (4) 

m = r + R -f- X .... (5) 

where m is the radical formed by removing a hydrogen atom from 
M. If only reaction 4 is important at the temperature of the 
investigation, k^/k^ may still be simply found from the ratio R t /Rr . 
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If both 4 and 5 occur it is easiest to determine the amount of 
RH formed by the disproportionation reaction and hence find 
kl/ky The over-all rate of production of RH is given by 

^RH - k 2 [R]2 + * 4 [R] [M]. 

Rr 2 = A' 3 [R] 2 , therefore 

Rrh/Rr , = k 2 /A '3 + k 4 [M]/kJ/2R R \/2' 

Since /?rh, Ru 2 and [M] are all measurable, the ratio k 2 /k$ may be 
found by plotting a graph of Rrh/Rr 2 against [M] and extrapolating 
to [M] — 0, at which point the intercept is equal to k 2 \ky 

Sometimes there is the additional complication that RH or r is 
formed in the initial photolytic act. Then the necessary correction 
may be found by carrying out the photolysis in the presence of an 
excess of iodine. The iodine will remove the radicals as they are 
formed and any RH or r in the products must be generated in the 
initial act. 

Radicals, R, may be formed in the presence of an excess of hydro¬ 
gen by the addition to an olefin, r, of a hydrogen atom released by 
the reaction of an excited mercury atom with the hydrogen. The 
relative rates of disproportionation and combination may then be 
found by determining the relative amounts of RH and R 2 in the 
products, provided that the temperature is so low that the reaction 

R + H 2 = RH + H 

can be neglected. Hydrogen : olefin ratios of between 8 : 1 and 
20 : 1 are usually sufficiently great to ensure that the majority of 
the excited mercury atoms are quenched by the hydrogen and not 
by the olefin. This method of investigating the reactions has two 
disadvantages. First, the only way of knowing which radicals are 
involved is to analyse the dimer. For instance, the addition of 
hydrogen atoms to propylene might yield either a w-propyl or an 
tro-propyl radical. It is only because the dimer is found to be 
almost exclusively 2 , 3 -dimethylbutane that we know that it is iso- 
propyl radicals which are formed. However, the analysis of, say, 
isomeric hexanes or octanes is not a simple and rapid piocedure, 
even with a mass-spectrometer. Second, the radicals formed by 
the addition of a hydrogen atom to an olefin have some 40 kcal of 
excess internal energy. This may be expected to affect their 
behaviour, as regards disproportionation, and certainly renders 
them liable to decompose, for the weakest bond in a propyl or higher 
alkyl radical is only about 20 kcal. 
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The procedures just described are suitable for the study of the 
reactions of radicals produced by the mercury photosensitized 
decomposition of saturated compounds. The difficulties encoun¬ 
tered are also very similar. 

All these methods yield values, recorded in Table 4.14 , of the 
rates for disproportionation relative to those for combination. 
Only in one instance has the rate constant been determined abso¬ 
lutely. The rate of disproportionation of ethyl radicals released 
by the photolysis of diethyl mercury was found by the procedure 
described in section 3.1 to be given by 

k = 10 13 * 2 exp (— 800 /RT) mole -1 c.c. sec -1 . 

There is some evidence, referred to in sections 3.1 and 5.4, that the 
rate constants for the combination of propyl and butyl radicals lie 
between 10 1 3 and 10 14 mole -1 c.c. sec -1 . Consequently the rate con¬ 
stants for their disproportionations are probably also of this order. 

The question of which hydrogen atom is transferred in the dispro¬ 
portionation of ethyl radicals has been very neatly settled by Wijnen 
and Steacie 156 . They analysed the products formed by the dispro¬ 
portionation of CH 3 CD 2 radicals, released by the photolysis of 
2,2',4,4'-tetradeuterodiethyl ketone. They found that the ethylene 
was more than 90 per cent C 2 H 2 D 2 so the radicals must react when 
head to tail, 

CH 3 CD 2 —H—CH 2 CD 2 . 

This finding effectively disposes of the possibility that the dispro¬ 
portionation takes place by way of an excited butane molecule, 
formed by the combination of two radicals, which subsequently 
decomposes by way of a four-centre activated complex. Such a 
complex would probably yield C 2 H 6 and C 2 D 4 . 

The differences found in the relative rates of disproportionation 
of radicals from different sources seem to be outside the limits of 
the experimental errors, although these are, admittedly, great. As 
yet the cause of the discrepancies is unknown, though it seems that 
it may have something to do with the energy with which the radicals 
are endowed when they are formed, despite the fact that, on the 
average, each radical must make many millions of collisions before 
it reacts. Nor is it known why these hydrogen transfer reactions 
have A factors of the order of 10 12 whereas the reactions of normal 
molecules have A factors of the order of 10 11 mole -1 c.c. sec -1 . To 
state the problem in another way, it is hard to see why the entropy 
of the activated complex 

G 2 H 5 —H—CH 2 GH 2 
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Table 4.14. The Disproportionation of Free Radicals 


Source 

Temperature 

°C 

ft disproportionatior 

■ Reference 

k combination 

Ethyl Radicals 




Diethyl mercury P 

75 

0-36 

211 


200 

0-46 


Diethyl ketone P 

25 

0-11 

212 


101 

0*085 


2,2', 4,4 '-tetradeutero diethyl ketone P 

24-180 

0*1 

213 

Ethylene -f H 

25 

0*17 

214,215 


42 

0*22-0*61 



200 

0*47 


Propionaldehyde P 3130A 

~25 

0*10 

216 

2804A 

~25 

0*09 


Diethyl mercury T 

350 

0*13 

217 

n -Propyl Radicals 




Di-n-propyl ketone P 

113 

0*21 

218 

n-Butyraldehyde P 

25 

0*1 

219 

Di-n-propyl mercury P 

30-108 

0*3 

221 

T 

270 

1 (7*4 mm) 

222 

iso -Propyl Radicals 




iso -Butyraldehyde P 

25 

0*5 

219 

A zo-iso-propane P 

30 | 

0*53 

220 

Propylene + H 

30 

1*5 

223 


200 

2 


n- Butyl Radicals 




Di-n-butyl mercury P 

140 

5 

224 

iso -Butyl Radicals 




1- Butene -f-H 

24 

1*5 

224 


220 

3*5 


tert .-Butyl Radicals 




2-Methylpropene -j-H 

23 

4*5 

224 


300 

6*5 


CycXopentyl Radicals 




Cyclopentane — H 

30 

0*2 

226 

Methylcyclopentyl Radicals 




MethylcycXopentane — H 

30 

0*4 

227 

Cyclo hexyl Radicals 




Cyclohexane — H 

30 

0*5 

228 


For a review of the reactions of ethyl radicals see reference 225. 

P. Radicals produced by the photolysis of the parent compound. 

T. Radicals produced by the thermal decomposition of the parent compound. 

-pH. Radicals produced by the mercury photosensitized addition of hydrogen atoms to oJenns 
-H. Radicals produced by the mercury photosensitized removal of hydrogen atoms from saturate 
compounds. 
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4.6 INVERSION REACTIONS 
should be so much greater than that of 

CH 3 —H—CH 2 CH 3 . 

The answers to these problems will probably not be found until 
much more reliable experimental evidence is available. 


4.6 Inversion Reactions 

Most of the reactions of atoms and radicals that have been discussed 
in this chapter are abstraction reactions in which the atom or radical 
abstracts and combines with an atom from a larger molecule. The 
reactions may presumably be written as follows : 


R + A—C 


\ 


X 



Initial state 



> RA + C 




X 


X Y 



Activated complex 


Final state. 



The important point about this scheme is that R approaches the 
molecule along the line CA, captures A and then retreats in 
the direction from which it came. The exact configuration of the 
radical CXYZ, which may well be planar, is not important in this 
context. However there is no obvious reason why an alternative 
reaction which may be written 


X 


x \ 

R + yC —A 
Y / I 


> R . . . G . . . A 

A 

YZ 


/ x 

> R—C( + A 
I X Y 


Initial state Activated complex Final state 



should not be more rapid. According to this scheme, R approaches 
the molecule on the opposite side to A. In the activated complex 
C, X, Y, and Z are coplanar with R and A on opposite sides of the 
plane. Finally A is expelled. Evidently, if the initial molecule is 
optically active and is the /a^o-rotatory isomer then, when A is 
replaced by a chemically identical attacking group, the product 
will be the dextro -rotatory isomer. Reactions of this class are usually 
referred to as inversion reactions, because inversion always occurs, 
although it can only be observed when optically active molecules 
are involved. 
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Many inversion reactions in solution have been investigated, of 
which the best known are the bimolecular reactions of anions with 
alkyl halides. Few, possibly none, have been observed in the gas 
phase. It may be that the inversion reactions have escaped detec¬ 
tion because their products are similar to those formed in other 
reactions and are difficult to identify. 

The activation energy of one of the simplest possible inversion 
reactions 

H + CH 4 = GH 4 + H 

has been calculated on the basis of the transition state theory and 
found to be 37 kcal 220 . it was predicted that other symmetrical 
inversion reactions of a similar type would have activation energies 
given by the expression 

E = 37 X (strength of bond broken) /(strength of C—H bond). 

If this prediction were strictly accurate it is probable that no inver¬ 
sion reactions of free radicals would ever be observed, for most 
radicals react with their environmental molecules by processes 
requiring much lower activation energies. Nevertheless, the pre¬ 
diction would seem to be along the right lines : inversion reactions 
should be sought in cases where a strong bond may be formed at the 
expense of a weak one and where neither bond is very strong. 

A few examples of possible inversion reactions have been reported. 
They will be considered one by one, as our scanty knowledge cannot 
be satisfactorily systematized. 

The best example of an inversion reaction is that of methyl radicals 
with biacetyl 

CH 3 + CH 3 COCOCH 3 = CH 3 COCFI 3 + CH 3 CO ... (3) 

which was investigated by Blacet and Bell 250 , who found the rate 
constant to be 

k 3 = lO 10 * 7 exp (—5 000/RT) mole -1 c.c. sec -1 . 

A very similar reaction occurs in the photolysis of trans- methyl- 
propenyl ketone 251 

GH 3 + CH 3 COCH: CHCH 3 = CH 3 CH:CHCH 3 + CH 3 CO ; 

2-butene is the major hydrocarbon product of the photolysis. Both 
of these reactions might occur by way of the addition of a methyl 
radical to a double bond, followed by the decomposition of the 
large radical so formed. Further evidence is needed on this point. 
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Masson 2 32 found it necessary to postulate reaction 4 

n-C 3 H 7 + C 3 H 7 GOC 3 H 6 = C 6 H 14 + CO + C 3 H 6 ... (4) 

to account for his observations on the photolysis of di-/i-propyl 
ketone. However, this was only one step in a twelve-step mech¬ 
anism, and despite the accuracy of the work it seems that other 
explanations involving more familiar types of reaction might be 
found. Unfortunately, inversion reactions are usually postulated to 
fill the gap between experimental observations and tidy mechanisms 
consisting of metathetical and combination reactions. Distinctive 
products are rarely detected. 

An example of an inversion reaction, which has been postulated 
to explain the discrepancies between experimental observations and 
a simple mechanism, is that of methyl with dimethyl mercury, 

CH 3 + CH3HgCH3 = C 2 H 6 +(Hg + CH 3 ). (5) 

The products of the normal photolysis of dimethyl mercury are 
adequately accounted for by a mechanism analogous to that which 
accounts for the products of the photolysis of acetone 2 33. But the 
effect of large variations of light intensity on the quantities of 
methane and ethane produced can best be explained in terms 
of a reaction such as 5 2 34. Furthermore, the quantum yield for 
formation of methyl radicals is markedly greater than unity at 
temperatures above 140° C 2 35, 236. The increase may reasonably 
be attributed to the existence of short methyl radical chains. The 
rate constant of reaction 5 has been given as 

£5 = 10 7 exp (— 1 000/RT) mole -1 c.c. sec -1 . 

The rate factors are unusual. A more direct investigation of the 
reaction would be very desirable. 

It should be a comparatively simple matter to test for the existence 
of this and other similar reactions of methyl radicals by decomposing 
by light or heat a source of CD 3 radicals in the presence of the 
reactant. If inversion reactions occur some of the ethane formed 
will be CD 3 CH 3 , whereas if ethane is solely the product of radical 
combination it will be exclusively C 2 D6. The cracking pattern 
of CD 3 CH 3 superimposed on that of C 2 D 6 (or of the ethane formed 
by the source alone, if it is not isotopically pure) may be readily 
detected with a mass-spectrometer. Only such direct experiments, 
which have not yet been attempted, seem capable of settling the 
doubts about the existence of reactions of this type. 
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In order to explain the existence of large quantities of methane 
among the products of the pyrolysis of toluene, Szwarc 237 postulated 
the occurrence of either reaction 6 or 7. As the final products, 

H + C 6 H 5 CH 3 = C 6 H 5 + CH 4 .... (6) 
H + C 6 H 5 CH 3 = C 6 H 6 + CH 3 .... (7) 

benzene and methane, are the same he could not distinguish between 
the two possibilities. If reaction 6 occurs it is probably an inversion 
reaction, but 7 might result from the addition of the hydrogen 
atom to an aromatic double bond and the subsequent elimination 
of methyl 238 . A similar mechanism has been postulated to explain 
the formation of substituted diphenyls by the reaction of phenyl 
radicals with aromatic substances in solution. As such addition 
reactions are relatively favoured at low temperatures, there is 
no compelling reason to suppose that they would be important at 

1000° K. 

Inversion reactions of hydrogen atoms with methyl nitrite and 
ethyl nitrate, to yield methanol and ethanol, have also been pro¬ 
posed 23 ^ 240. 

The reaction of an atom X with a molecule RA which yields a 
product RX could be an inversion reaction, but as the reaction 
system usually contains large quantities of X 2 it is quite possible 
that the product is formed by the radical mechanism. 

X + RA = R + XA 
R + X 2 = RX + X 

Occasionally, this possibility may be excluded on thermochemical 
grounds, but generally conclusive evidence can only be obtained by 
studies of changes of optical activity. If the reaction is an inversion 
reaction and RX is optically active the rate constant for the race- 
mization will be the same as that for the over-all reaction ; but it 
will be only half that for the over-all reaction if the mechanism 
involves the radical R. The R radical derived from a dextro- 
rotary RA has equal chances of forming (+)- or (—)-RX. 

The racemization of sec-butyl iodide, which certainly involves 
iodine atoms, has been studied 2 '* 1 ; but hitherto the rate of the 
over-all reaction, which could be conveniently followed by the 
exchange of radioactive iodine atoms, has not been measured. 
The experimental results are consistent with 

* 8 = IOI 3 * 1 exp (— 14 300 /RT) mole- 1 c.c. sec- 1 , 

I + (+)-C 4 H 9 I = (—)-C 4 H 9 I + I . . . . (8) 
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but as the work was complicated by surface reactions, the result 
may not be very reliable. The rate of the heterogeneous exchange 
of radio-iodine atoms with methyl iodide is so great that the homo¬ 
geneous exchange cannot be accurately investigated 242 . Neither of 
these reactions may be an inversion reaction, both may proceed by 
the radical mechanism as does the exchange of bromine atoms with 
trichlorobromomethane 243 . 

Noyes and Sibbett 244 have reviewed the more extensive literature 
on the exchange of radioactive iodine with iodides in solution. 
They concluded that a direct substitution reaction of iodine atoms 
is the key step in the exchange reaction with vinyl and aryl iodides. 
However, they think that the iodine atoms form an intermediate by 
adding to a double bond ; the inversion mechanism is not important. 
The thermal exchange of allyl iodide involves the reaction of an 
iodine molecule, which adds across the double bond to form a 
short-lived intermediate ; but the direct substitution mechanism 
accounts best for the photochemical exchange. Benzyl radicals 
appear to be intermediates in the exchange with benzyl iodide. 
The mechanism, by which the exchange with alkyl iodides occurs, 
has not yet been settled. 

Two reactions of borine (9 and 10), which presumably involve 

BD 3 + B 2 H 6 = BD 3 BH 3 + BH 3 ; BH 3 + B 2 D 6 = BH 3 BD 3 + BD 3 

.... (9) 

BH 3 BH 3 CO = B 2 H 6 + CO .... (10) 

molecular configurations similar to those which must occur in 
inversion reactions, have been investigated. They will be con¬ 
sidered here because they do not fit any alternative classification. 
The first reaction, 9, occurs 245 in the exchange between B 2 H 6 and 
B 2 D 6 , which has been followed by observing the reduction in the 
height of the infra-red absorption peak of B 2 H 6 at 974 cm- 1 . The 
reaction of equimolar mixtures of B 2 H 6 and B 2 D 6 was studied at 
temperatures between 24° and 44° C. It is of the 3/2 order. The 
mechanism is presumably reaction 11 followed by reaction 9 . 

B 2 H 6 = 2BH 3 ; B 2 D 6 = 2BD 3 .... (11) 

The rate constant for the disappearance of B 2 H 6 is then given by 

— d[B 2 H 6 ]/d/ = k 9 K n * 2 [Total Diborane]^ 2 . 

The heat of reaction 11 and the entropy of borine may be estimated 
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with sufficient accuracy to obtain a reasonable value for the equi¬ 
librium constant K n 246. Hence, it is found that 

k 9 = 10 14 * 2 exp (— 6 000 jRT) mole -1 c.c. sec -1 . 

The second reaction 10 is the rate determining step in the de¬ 
composition of borine carbonyl, which follows the preliminary 
dissociation (12). The rate of the decomposition, which was 

BH 3 CO = BH 3 + CO .... (12) 

measured 247 by following the increase in pressure in the system, is 
given by 


- d[BH 3 CO] /dt = * 10 A" 12 [BH 3 CO] 2 /[CO]. 

Again, if the entropy and heat of formation of borine and the 
entropy of borine carbonyl are estimated, K\ 2 may be calculated. 
Thus it is found that £ 10 = 10 11 * 4 exp (— 7 000/AT) mole -1 c.c. sec -1 . 
Although these two rate constants are not known with any great 
absolute accuracy, their relative rate factors are accurately known, 
for they have been derived from the same assumptions. The 
spectroscopic data on borine carbonyl are so complete that there 
can be no significant error in the estimate of its entropy. 


4.7 The Reactions of Excited Atoms, Radicals 

and Molecules 

One conclusion which can be drawn from the discussion of energy 
transfer in section 2.6 is that a gaseous system, in which no chemical 
reaction is taking place, will attain a state of thermodynamic equi¬ 
librium in 10 -4 to 10-5 seconds ; that is the time in which each 
molecule undergoes a few thousand collisions with its neighbours. 
Of course, if the system is being heated the state of equilibrium will 
alter, but unless the temperature changes are very rapid, such as 
those which occur during the passage of ultrasonic radiation or of 
shock waves, the equilibrium distribution of energy between the 
translational, rotational and vibrational degrees of freedom will 
be sensibly maintained. It is possible to disturb this equilibrium dis¬ 
tribution significantly by exposing the system to electromagnetic 
radiation. Here we shall only be concerned with the effects of 
visible and ultra-violet light, but effects have been observed with 
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micro-wave radiation and have been predicted for infra-red 
radiation. 

The equilibria may be disturbed in two ways which are of 
importance in chemical kinetics : either electronically excited atoms 
or molecules of high reactivity may be produced by the absorption 
of light, or atoms or radicals may be released in a primary photo- 
lytic act with large kinetic energies. The energy of one quantum 
of light, absorbed by a molecule, very rarely corresponds so exactly 
to the amount of energy required to disrupt the molecule that there 
is no energy left over to be dispersed as the energy of the fragments. 
The quantity of energy to be dispersed may be estimated from the 
following list of the energies of quanta of radiation of different wave¬ 
lengths and the bond strengths given in section 1.3. 


1 

A yr 

Wavelength 

Quantum 

Sit u 

A 

kcal 

Mercury 

2537 

112 


1849 

152 

Cadmium 

3262 

87 


2288 

124 

Zinc 

3076 

92 


2139 

133 


The fragments are eventually de-energized by collisions with 
other molecules, but until the deactivation is complete they have an 
enhanced reactivity. 

The reactions of electronically excited atoms are more numerous, 
more important, and more fully investigated than those of excited 
molecules, which are rather rare. The reactions of the atoms are 
important in their own right as interesting types of molecular inter¬ 
action and also because a wide variety of radicals, R, which would 
not otherwise be readily obtainable, may be produced by the action 
of the excited atoms on compounds, RH. It is rarely possible to 
detect the effect of an atom or radical with excess kinetic energy in 
a chemical reaction, but the few examples of their behaviour are 
important, because they should enable us to decide under what 
conditions these reactions of 1 hot ’ substances do occur. Most of 
our knowledge of free radical reactions is derived from the study of 
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free radicals produced by photolyses. It is usually tacitly assumed 
that these free radicals are in thermal equilibrium with their sur¬ 
roundings, otherwise the determination of observable activation 
energies would be a meaningless exercise. The study of reactions 
in which ‘ hot ’ species do undoubtedly play significant roles enables 
us to explore the limitations of this tacit assumption. In this 
section, we shall first consider the interaction of excited atoms and 
molecules with normal molecules and only discuss the secondary 
processes in so far as they provide information about the primary 
act. The secondary reactions of the radicals formed are discussed 
along with similar reactions of radicals produced in other ways. 
Secondly, we shall consider the reactions of atoms and radicals with 
excess energy. 

When mercury vapour, which is effectively monatomic, is irradi¬ 
ated with resonance radiation of a wavelength of approximately 
2537 A, the light will be absorbed and some of the mercury atoms 
will be raised from the G 1 ^ ground state to the 6 3 .Pi excited 
state. A mercury atom in the 6 3 Ti state has an average life¬ 
time of 1-08 X 10“ 7 sec*, after which it will drop back to the 
G^’q ground state with the emission of fluorescence or resonance 
radiation. The lifetimes of excited atoms, which may be ac¬ 
curately measured in several ways, are invariant under normal 
experimental conditions. Consequently time measurements in the 
study of excited atoms are usually based upon the use of the 
lifetime of the excited state (usually 10“ 7 to 10“ 8 sec) as a sort of 
internal clock. 

If a foreign gas is present, not all of the excited mercury atoms 
will return directly to the ground state with the emission of light. 
Many of them will collide with a foreign gas molecule and lose some 
or all of their excitation energy. Whether all or only a part of the 
energy is lost on collision, the effect on the intensity of the fluores¬ 
cence radiation will be the same, for an atom in the lower, excited 
6 3 Po state cannot return to the ground state by emitting light. The 
transition is forbidden. The efficiencies of gases in quenching 
resonance radiation vary very widely. This fact has considerable 
bearing on the use of the excited atoms as a means of producing 
radicals. 

The methods of measuring the absolute quenching efficiencies of 
gases are fully set out by Mitchell and Zemansky 248 . Reference 
must be made to their book for the theory of the absolute measure¬ 
ments which is much too lengthy to be given here. 

* Many of the results in the literature are calculated on the assumption that the 
lifetime is 1-00 x 10~7sec. 
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The number of quenching collisions made by an atom in unit 
time is proportional to the pressure of the quenching gas ; but the 
number is not in general equal to the number of collisions predicted 
by the simple kinetic theory of gases for mercury atoms and gas 
molecules with collision diameters of approximately the same size 
as those found from studies of transport properties. The practice 
has grown up of expressing the quenching efficiencies of gases as their 


Table 4.15. The Efficiencies of Various Gases in Quenching Excited Mercury , 

Cadmium and Sodium Atoms 

Quenching cross-sections , 10 “16 cm 2 


Wavelength A of 
resonance radiation 

Hg 63P, 
2537 

__ . . i 

Ref. 

Cd 53?! 
3262 

Ref Na32P 
J ' 5890 

i 

Ref. 

Temperature °C 

25 

_ 

213 j 

I 

120 


Rare gases 

Hz 

very low 
8*6 

248,250 

very low 
3-54 

254 7-4 

256 

n 2 

0*27 

248 

0-021 

255 14-5 

1 

256 

CO 

5-82 

248 

0-014 

255 28 

256 

ch 4 

0-085 

248,251 

0-012 

255 0-11 

256 

c 2 h 6 

0-11 

249 

0-024 

254 0-17 

256 

c 3 h 8 

1-3 

249 

0-012 

254 0-2 

256 

n-C 4 H 10 

3-0 

249 

0-064 

254 0-3 

256 

c 2 h 4 

48 

252 

24-9 

254 44 

256 

c 3 h 6 

— 

— 

29-1 

254 52 

256 

i-c 4 h 8 

— 

— 

35-2 

254 58 

256 

2-C 4 H 8 

— 

— 

30-6 

254 58 

256 

C 6 H 6 

60 

248, 253 

28-4 

254 75 

256 


There are some discrepancies between the values reported in references 254 and 255. 

For quenching cross-sections for mercury atoms of cyclanes, halides, amines and sulphur compounds 
see reference 257. 


collision cross-sections, gq 2 , which would correspond to quenching 
on every simple kinetic theory collision. The quenching cross- 
sections of a number of gases for Hg 6 atoms are given in 
Table 4.15. The table also lists the quenching cross-sections of the 
same gases for Cd and Na 3 2 P atoms. The references cited 
in this section report the quenching cross-sections of many other 
gases. 
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Apait fiom a small amount of work with thallium, studies of 
quenching efficiencies have been confined to work with the 
excited atoms of mercury, cadmium and sodium. These are the 
only metals which have sufficiently high vapour pressures (about 
10 5 mm) at temperatures at which most quenching gases are 
stable and for which high intensity sources of the unreversed 
resonance line are readily available. If the quenching measure¬ 
ments are to be reliable, it is also necessary that the absorption 
coefficients of the atoms should not be excessive and the lifetime 
of the excited state should be of the same order as the time 
between collisions. No measurements have been made with 

Hg 6 1 / > i, Cd 5 1 1\ or Zn 4because they do not fulfil these 
conditions. 

1 here is no theory which predicts the relative quenching effici¬ 
encies of the different gases : the nature of the quenching process 
is only partially understood. Our knowledge of the nature of 
the mechanism of the quenching of Hg 63P| atoms is derived from 
four principal sources : studies of the quenching efficiencies, 
measurements of the quantum yields of the photosensitized re¬ 
actions, analyses of the products of such reactions, and the detection 
of atoms quenched to metastable states. 

The most suggestive study of quenching efficiencies is that of 
Darwent 249 on the efficiencies of the alkanes. He found that the 
quenching cross-section of an alkane containing primary, secondary, 
and tertiary hydrogen atoms could be predicted. He assigned 
characteristic, empirical quenching cross-sections to each type of 
C—H bond and then added the cross-sections for each bond in the 
molecule, in order to find the over-all cross-section. The charac¬ 
teristic diameters are 0-05-0* 10 A, 0*50-0-65 A and 1*3 A for 
primary, secondary and tertiary C—H bonds respectively. This 
behaviour of mercury atoms is very similar to that of methyl 
radicals and suggests that the quenching process may be written 

RH + Hg( 3 P I ) = R + HgH.(1) 

Since the strength of the Hg—H bond is 8*5 kcal, the hydride 
should be sufficiently stable to be detected spectroscopically, but 
the characteristic fluorescence of HgH has only been observed when 
RH is hydrogen. No fluorescence was observed when a careful 
study was made of the excited-mercury-propane system 258 . Accord¬ 
ingly the primary reaction is best written 

RIT + Hg (3/>,) = Hg(tfo) + R + H. (2) 
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On the other hand, the reactions of excited cadmium atoms are 
best written as in reaction 1. The energy released by the formation 
of the Cd—H bond, 15*5 kcal, must be added to the excitation 
energy of the Cd (5 *P X ) atom, 87-3 kcal, to provide sufficient energy 
to rupture most C—H bonds and release the radicals, whose pres¬ 
ence in cadmium photosensitized reactions can be inferred. Further¬ 
more, CdH emission bands have been detected in the photosensitized 
propane system 259 . Although the energy of the Na—H bond, 
51-6 kcal, when added to the excitation energy of the Na (3 2 P) 
atom, 48-3 kcal, is greater than the energy required to rupture 
many C—H bonds, radicals have not been produced by the sodium 
photosensitization of hydrocarbons. 

Darwent’s results might lead one to conclude that in alkanes 
containing all kinds of C—H bonds the tertiary bonds will be broken 
in preference to the secondary and the secondary in preference to 
the primary. The fact that di-zjo-propyl (2,3-dimethylbutane) and 
di-J-butyl (2,2,3,3-tetramethylbutane) are the principal dimeric 
products of the mercury photosensitized decomposition of propane 
260 an d 2-methylpropane 261 at room temperature lends support to 
this view. At higher temperatures a variety of dimers is produced in 
the propane reaction 262 , indicating that the difference in the fragility 
in the bonds is there less marked. No measurements of quenching 
cross-sections at high temperatures, which would throw light on 
this problem, have been made. 

If reaction 2 were the only process involved in the quenching of 
mercury resonance radiation by alkanes, then the quantum yield 
for the formation of products should increase with the increasing 
cross-sectional area of the molecule. There is no evidence for 
a relation of this type. The quantum yield for the formation of 
products from 2,2-dimethylpropane 263 is much lower than that 
for ethane 264 , despite its greater quenching efficiency. Two 
additional modes of quenching may be postulated to explain the 
experimental facts. The first is the quenching of the Hg 3 Pj atoms 
to the 3 P 0 metastable state with the transfer of 5 kcal to the quench¬ 
ing molecule. The second is the quenching of the Hg 3 Pj atoms to 
the *Sq ground state with the transfer of 112 *2 kcal to the quenching 
molecule. Darwent and Hurtubise 265 have used a very elegant 
direct method to detect mercury atoms quenched to the 3 P 0 state, 
which depends upon the fact that an electron is released when a 
metastable atom strikes a nickel surface. The quenching to the 
metastable state occurs with nitrogen, hydrogen, ethylene, and 
ethane, so that it is fair to suppose that it occurs with most organic 
molecules. Saturated hydrocarbons may quench mercury atoms 
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by the second mechanism, but there is no direct evidence for it. 
It would be expected that most molecules with 112 kcal of vibra¬ 
tional energy would decompose by the fission of the weak C—C 
bonds rather than the stronger C—H bonds. No corresponding 
products are found, so probably such highly energized molecules 
are not formed. 

When an unsaturated molecule such as ethylene quenches an 
Hg^Pi atom or any other atom in a triplet state, all the energy 
need not be transferred to the vibrational degrees of freedom ; the 
ethylene may be electronically excited to the triplet state. This 
might be an efficient process because the spin angular momentum 
of the electrons is conserved in the transition 266 * 267 . Such a 
quenching mechanism is not possible with saturated hydro¬ 
carbons because they have no low-lying triplet state, but it may 
account for the observed high quenching efficiencies of unsaturated 
molecules. 

The quenching of mercury atoms by reactions of type 2 is 
important because it is the principal means by which radicals 
are produced in photosensitized systems. It is not known for cer¬ 
tain whether the excess energy of some 12 kcal released in reac¬ 
tion 2 is dissipated as kinetic energy or if it remains in the free 
radical, which would be rendered unusually reactive. Until this 
question is settled, any information derived from the study of 
radicals in photosensitized systems should be interpreted with 
caution. The radicals produced by cadmium photosensitization 
cannot be endowed with excess energy and an investigation of 
their behaviour would be valuable. Unfortunately, cadmium arcs 
are not as easy to operate as mercury arcs and the handling of 
cadmium in quartz reaction vessels also presents problems. These 
experimental difficulties have limited the amount of work that has 
been done. 

The reactions of sulphur dioxide activated by light of wavelength 
2400-3340 A are the most interesting of excited molecule reactions 
in the gas phase. In the absence of light sulphur dioxide forms 
polysulphones with alkenes, but does not react with alkanes. When 
irradiated, both species of hydrocarbon yield sulphinic acids. These 
reactions were discovered by Dainton and Ivin 268 * 269 who sur¬ 
veyed the reactions of a number of hydrocarbons qualitatively and 
investigated the reactions of w-butane and 1-butene in more detail. 

It does not seem likely that it will be possible to obtain absolute 
rate constants for the reaction 

S0 2 * + RH = RS0 2 H, 
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but an approximate reactivity scale for different hydrocarbon 
groupings can be drawn up as follows : 


Group 

ch 4 

ch 3 

ch 2 

CH 

Relative 





reactivity 

2 

5 

34 

48 


There is no evidence to show that the sulphinic acids are formed by 
two-stage free radical reactions, in which hydrogen atoms are first 
abstracted. The reactions are probably molecular involving a 
four-centre activated complex which may be written 



I I 
o=s—o. 


These reactions are very similar to those which, as has frequently 
been suggested, are the initial means of formation of hydroperoxides 
by the reaction of oxygen molecules with hydrocarbons 270 . The 
same gradation of reactivity may occur in the oxidations, but its 
effect is obscured by the subsequent chain processes. The reactions 
may be similar because the excited sulphur dioxide molecule almost 
certainly contains unpaired electrons, as does the oxygen molecule 
in its ground state. 

Oxygen molecules may be activated by the quenching of Hg 3 Pj 
atoms. Oxygen atoms are probably formed. Methane and ethane 
introduced to the system are oxidized to peroxides at low tempera¬ 
tures ; the mechanism presumably involves free radicals 271-27 ^. 

So far we have tacitly assumed that when a molecule is photolysed 
it splits instantaneously into specified radical products which are 
in energetic equilibrium with their environment. This simplifica¬ 
tion is useful, but it is dangerous to simplify unless the precise 
nature and limitations of the simplifications are understood. We 
will now consider the photolytic act and its consequences in more 
detail. When a molecule has been activated by the absorption of 
visible or ultra-violet light it may, (z) be deactivated by collision, 
(”) fluoresce, either passing to the ground state or to some inter¬ 
mediate excited level, {Hi) pass by collision from one activated state 
to another, (iv) decompose, either into one or several sets of products. 
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The results of a photolytic act are usually described in terms of the 
quantum yield. The quantum yield is a measure in molecular 
terms of the change wrought in a system by the absorption of one 
quantum of radiation ; thus, if one molecule of methane is released 
for each quantum absorbed, the quantum yield for the formation 
of methane is said to be unity. The wavelength of the radiation 
involved must be specified. This method of describing the results 
has obvious advantages if the chief interest of the worker is in the 
primary act, but the worker in kinetics is more interested in the 
reactions of the products of the primary act. 

To illustrate this point, let us suppose that a system is found in 
which a molecule, activated by the absorption of light, may either 
be deactivated by collision or may decompose into radicals after a 
certain time. The quantum yield for the formation of radicals will 
decrease if the pressure in the system is increased by the addition of 
a chemically inert gas, but the fate of the radicals will depend only 
on their concentrations and on those of the other reactants. The 
effect of the addition of inert gases may be offset by increasing the 
intensity of the illumination. For such reasons, we have not used 
the quantum yield notation in discussing the kinetics of radical 
reactions. It can be seen that the possible fates of activated mole¬ 
cules, which are labelled (ii) and (Hi) above, are important in gas 
kinetics only in so far as they affect the radical concentrations, 
unless the reactions of excited molecules are under consideration. 

The photolysis of a molecule cannot be used as a satisfactory 
source of free radicals for kinetic experiments until the primary 
products, formed when the molecule activated by light decomposes, 
have been established. The reason for this is best shown by an 
example. Acetone is frequently used as a source of methyl radicals 
and the concentration of the radicals is determined by the rate of 
formation of ethane. If ethane were formed directly in the primary 
photolytic act, as well as by the combination of methyl radicals, it 
could not be used as a measure of the concentration of methyl until 
the necessary corrections had been established. In fact, the most 
careful experiments have failed to reveal any evidence for the 
direct formation of ethane in the photolysis*01,134.146.274. Because 
systems containing larger radicals are complicated by the occur¬ 
rence of radical decomposition and disproportionation, it has not 
been possible to establish the nature of the primary photolytic split 
of the larger ketones with such certainty. It appears that methyl- 
ethyl and diethyl ketones split at the C—CO bond and do 
not decompose by molecular mechanisms.* On the other hand 

♦ For a review of the photolyses of ketones see reference 275. 
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there is excellent evidence that di-/z-propyl 232 and methyl-/ 2 -butyl 
ketone 276 both split molecularly into olefins, when irradiated with 
ultra-violet light. 

The rather incomplete evidence at present available tends to 
show that metallic alkyls and azo compounds split only into radicals 
when photolysed. 

Aldehydes split up in various ways ; the quantum yields for the 
different modes of primary decomposition are given in Table 4.16. 


Table 4.16. The Quantum Yields of the Primary Processes in the Photolyses of 

the Aldehydes (after Blacet and Pitts 277 ) 


Wavelength 


3130 


2804 


2654 


2537 


2380 


Energy kcal 

Acetaldehyde^ 1 ^ , 279 

CH 3 + CHO 
-> CH 4 + CO 

Propionaldehyde 277 

-> C 2 H 5 + CHO 

-> c 2 h 6 + CO 
-> c 2 h 4 + h 2 co 
-> ch 3 + ch 2 cho 

n-Butyraldehyde^ 9 

-> C 3 H 7 + CHO 
-> c 3 H 8 + CO 

-> c 2 h 4 + ch 3 cho 

-> ch 3 + C 2 H 4 CHO 

iso-Butyraldehyde^ 19 
C 3 H 7 + CHO 
-> C 3 H 8 + CO 
-> CH 3 4- C 2 H 4 CHO 


91 


0-20 

0-013 


0-48 

0-022 

0-003 

0 


0-35 

0-017 

0-16 

0-005 


0-72 

0-03 

0-006 


102 


108 


0-39 
0-15 


0-53 

0-125 

0-011 

0-007 


0-28 

0-11 

0-27 

0-006 


0-012 


0-36 

0-28 


0-28 

0-34 

0-013 

0-102 


0-28 

0-25 

0-38 

0-010 


0-43 

0-40 

0-036 


112 


0-28 

0-37 

0-013 

0-039 


0-31 

0-33 

0-30 

0-015 


0-072 


120 


0 

0 


31 

37 


0-080 


A glance at the table reveals some obvious correlations between the 
relative importance of the different modes of decomposition and the 
energy of the exciting quantum. As yet no satisfactory theory has 
been developed to account for these results. 

Most photolyses are performed with light of wavelength from 
3400 to 2500 A. The upper limit is set by the absorption spectra 
of the materials photolysed and the lower limit by the output of 
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the medium pressure mercury arc, which is the most convenient 
source of light. Hence, the absorbed quanta of light will introduce 
at least 10 kcal more energy into most molecules than is required to 
break the weakest bond. The radicals formed are thus endowed 
with 10 or more kcal of excess energy, which may be either internal 
or translational. If the energy is internal, the radical will have an 
enhanced tendency to unimolecular decomposition, but if it is 
translational it will only have an enhanced tendency to react 
bimolecularly with ordinary molecules. 

The effect of excess internal energy is clearly shown in the 
photolysis of acetone. At low temperatures (less than 50° C) and 
high light intensities, the reaction mechanism may adequately be 
written 


CH 3 COCH 3 + //v = CH 3 + CH 3 CO 

ch 3 + ch 3 = c 2 h 6 

CH 3 + CH 3 CO = CH 3 COCH 3 

CH 3 CO = ch 3 + CO 
CH 3 CO + CH 3 CO = (CH 3 CO) 2 . 


( 1 ) 

( 2 ) 

(3) 

(4) 


Accordingly, the quantum yield for the formation of carbon mon¬ 
oxide should depend only on the temperature, on the intensity of the 
absorbed radiation, and, if the combination of acetyl radicals is a 
wall reaction, on the over-all pressure in the system ; but it is 
found that the quantum yield depends markedly on the frequency 
of the absorbed radiation. It is possible to deduce from the experi¬ 
mental results that the proportion of acetyl radicals which decom¬ 
pose at room temperature without collisional activation depends on 
the wavelength of the absorbed lights as follows 280 ' 281 : 


Wavelength 

A 

1 

Surplus Energy 
kcal 

Proportion of radicals 
decomposing as a result of 
the photolytic act 

3130 

1 

13 

1 

1 

1 

0-07 

2537 


34 

1 

0-22 

1900 

1 

1 

73 


0-50 


The most plausible explanation of this trend is that a portion of the 
surplus energy from the incident quantum is converted into internal 
energy of the acetyl radical, which then decomposes. As the pro- 
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portion of acetyl radicals which decomposes depends only slightly 
on the over-all pressure in the system, a high proportion of the 4 hot ’ 
radicals must decompose before making a deactivating collision with 
another molecule. 

Although an understanding of the metathetical reactions of 
radicals and atoms with egregious translational energies is of greater 
importance than an understanding of the rare unimolecular decom¬ 
positions of ‘ hot ’ radicals, we know little about these metatheses. 
The deviations of photolytic systems from anticipated behaviour, 
which may be ascribed to the intervention of 4 hot 5 radicals, must 
be exhaustively investigated before their origin is certain. One test 
is usually regarded as specific. If the reaction in question is slowed 
down by the addition of an inert gas, then 4 hot 5 radicals are 
held to be involved. While such additions should undoubtedly 
moderate 4 hot ’ radical reactions, they would also retard reactions 
that are controlled by diffusion. 

When 4 hot ’ radicals are produced in a photolysis, most of the 
excess energy which is not distributed in the internal degrees of 
freedom will be converted into kinetic energy of the lighter frag¬ 
ments, because of the principle of conservation of momentum. 
Thus, although 42 kcal of excess energy is liberated when hydrogen 
iodide is photolysed with light of a wavelength of 2537 A, 4 hot ’ 
iodine atoms are not formed. But the photolysis has been used as 
a source of hydrogen atoms with some 41 kcal of excess translational 
energy282. 283. When hydrogen iodide is photolysed, the following 
reactions take place. 

HI + hv = H + I 

H + HI = H 2 + I .... (1) 

H + I 2 = HI + I .... (2) 

2 I + M = I 2 + M. 

From which we find 


d[H]/dt = I abs - *j[H] [HI] - k 2 [ H] [I 2 ] = 0 


d[I 2 ] 

dt 



MM ) 

MHI \) 


where I abs , the amount of light absorbed in unit time, is measured 
actinometrically. This equation may be integrated to 


T , r T1 _*2f[HI ]i,_ [HI],- 

W - M, - ( — 1 » [HI], _ 2M , 
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where the subscripts i and / refer to the concentrations before and 
after illumination for a time /. With this equation X: 2 /^i may be 
obtained from measurable quantities. k 2 /k 1 is very dependent upon 
the pressure of inert gas in the system ; this is shown in Figure 4.7. 
It is very likely that reaction 2 occurs on almost every collision 
whether the hydrogen atoms are ‘ hot 5 or not, so we may regard k 2 
as a constant. Then the most notable features of the results are : 
(i) the effect of the inert gas on k± decreases with increasing 
temperature ; (ii) at low concentrations of inert gas k± tends to be 



Figure 4.7. The effect of inert gas (hydrogen) concentration on the reactions of ‘hot' 
hydrogen atoms with hydrogen iodide. (After H. A. Schwarg , W. H. Hamill and 
R. R. Williams , and by courtesy of J. Amer. chem. Soc.) 

independent of temperature ; (Hi) the values of k 2 \k\ extrapolated 
to infinite pressure of inert gas are found to be independent of the 
nature of the gas. All three findings may be qualitatively under¬ 
stood if the systems are supposed to involve ‘ hot * atoms. 

At high pressures of inert gas, the ratio k 2 jk\ will have its normal 
value for thermal atoms. From a study of the temperature co¬ 
efficient at infinite pressure, it is found that 

k 2 \k\ = 10 -1 * 4 exp (4 500 \RT). 

Hence the activation energy of reaction 1 is at least 4 • 5 kcal, but 
is probably not much greater. 

All hydrogen atoms which are endowed with more than 4 • 5 kcal 
of translational energy, as a result of the photolytic act, may be 
defined as ‘ hot 5 and we may assume that all ‘ hot ’ atoms react 
with hydrogen iodide at the same rate. Further, we may assume 
that an equilibrium distribution of translational energy is established 
whenever a hydrogen atom collides with a molecule of inert gas, 
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but that no appreciable transfer of energy to the internal degrees 
of freedom of the molecule occurs. Calculations based on ele¬ 
mentary mechanics show that a hydrogen atom which originally 
has 42 kcal of translational energy loses 37 kcal of this energy in 
50, 6 and 5 collisions with argon atoms, helium atoms, and hydrogen 
molecules respectively. Two steady state equations may be set up 
and solved ; one for normal hydrogen atoms and the other for 
‘ hot ’ hydrogen atoms. If the rate constants for deactivation by the 
different species are inserted in the latter equation, the two equations 
account satisfactorily for the experimental observations. 

Williams and Ogg 284 have found similar effects of 4 hot ’ methyl 
radicals in the photolysis of methyl iodide in the presence of hydro¬ 
gen chloride. The rate constant for the abstraction of hydrogen 
is markedly dependent upon the concentration of the inert gas. 

The intervention of 4 hot * radicals has been postulated to account 
for the unexplained observations on the photolyses of dimethyl 
mercury 12 !, acetone 1 Oh 134 and azomethane 1 25 at low temperatures, 
but it is very doubtful if the observed effects are due to 4 hot ’ 
radicals : more experimental work should be done on the systems. 
Because of the difficulty of observing clean-cut 4 hot 5 radical effects 
it seems justifiable to assume that the products observed in most 
photolyses are formed by reactions of thermal radicals. 

4.8 Four-Centre Reactions 

Few four-centre reactions of the type WX + YZ = WY + XZ are 
known, but among them is a reaction which has played a part of 
supreme importance in the development of chemical kinetics. In 
the closing years of the nineteenth century, Bodenstein studied the 
rate of decomposition of hydrogen iodide, the rate of combination 
of hydrogen and iodine, and the equilibrium formed thereby. 

2HI = H 2 + I 2 . .... (1) 

These were the first gas reactions whose rates were quantitatively 
investigated, but nevertheless the results were of an accuracy and 
reliability which has only rarely been achieved since. In the decom¬ 
position experiments, samples of pure hydrogen iodide at known 
pressures and at 0° C were sealed up, usually in soft glass bulbs ; 
the bulbs were placed in a thermostat which was usually a vapour 
bath of sulphur, mercury or other substance with a convenient 
boiling point, and removed after a known time. The reaction was 
quenched by rapid cooling and the contents of the bulb were 
analysed for all three constituents. The total analysis was neces¬ 
sary because some hydrogen iodide reacted with alkali in the glass. 
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The temperature range covered was from 283° to 508° C ; at the 
highest temperature hydrogen iodide is 20 per cent dissociated at 
equilibrium 285-287 . 

Now let us use the following symbols : 

a = the original concentration of hydrogen iodide, 

x = the decrease in the concentration of hydrogen iodide after a 
time /, 

x c = the equilibrium concentration of products which may be 
determined by equilibrium measurements. 

Then, dx /dt = k x (a — x) 2 — k~ j(*/2) 2 , 

but ki(a — x e ) 2 = k-i(x e /2) 2 , 

hence by substitution and integration, 

_ x e x{a — 2x c ) + ax e 

1 2 ta(a — x e ) n a(x e — x) 

The reverse reaction was studied in a precisely similar manner, but 
because it is impossible to seal up exactly equimolar amounts of 
hydrogen and iodine in a bulb, the rate equations are rather more 
complicated. 

If a = initial concentration of hydrogen, 
b = initial concentration of iodine, 

x = concentration of hydrogen iodide formed after a time /, 

dx /dt = k-i(a - x/2 )(b - */2) - k\X 2 . 

But k\ Ik-\ = K\. 

Hence dxjdt = k-\(a — x /2)(b /x2) k-iK\X 2 . 

Integrating by the method of partial fractions gives 

2 {{a + b — m)/(I — 4/fj) — x) {a + b — m} 

k 1 = mt n {{a + b + m) /(1 — 4Aj) - x} {a + b + m}' 

where m = {{a + b) 2 — 4 ab (1 4A"i)} 1/2 . 

The rate constants may be simply derived from these expressions 
and the experimental results. 

There has been considerable controversy as to the best method of 
expressing the variation of k x and k- X with temperature 288 . The 
simple Arrhenius equations are 
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k\ = 10 13 * 9 exp (— 44 000 jRT) mole -1 c.c. sec -1 

and k-x = 10 14 * 1 exp (— 39 000 jRT) mole- 1 c.c. sec- 1 . 

Bodenstein’s experimental results are certainly not accurate enough 
to provide evidence for the more complex types of temperature 
dependence which have been proposed. The strongest argument 
in favour of a complicated temperature dependence of the rate 
constants was the apparently marked deviation of the temperature 
variation of the equilibrium constant from the predictions of the 
van’t Hoff isochore., However, later careful measurements 289 have 
shown that the equilibrium constants of Bodenstein are slightly 
incorrect, probably because he made no allowance for the diffusion 
of hydrogen through the glass vessels. The temperature variation 
of the new equilibrium constants more nearly follows a simple 
exponential law. 

Bodenstein only studied the decomposition of hydrogen iodide 
over a rather limited range of initial concentrations in the region of 
0-000 04 mole c.c.- 1 , but Kistiakowsky 290 has investigated the 
reaction over a range of concentrations from 0-000 02 to 0-007 
mole c.c. -1 ; that is up to four hundred atmospheres. His technique 
was basically the same as that of Bodenstein, the principal difference 
being that the quartz vessels used at the highest pressure had volumes 
of only 0 • 7 c.c. Up to concentrations of 0-001 mole c.c.- 1 the rate 
constant of the reaction does not vary and is in excellent agreement 
with that observed by Bodenstein. This is very good evidence that 
the reaction is bimolecular and that it is homogeneous, for the 
surface : volume ratio was varied by a factor of ten. These findings 
effectively dispose of suggestions that the reaction takes place on the 
walls of the vessel 291 . 

Above 0-001 mole c.c. -1 , the second-order rate constant increases 
with concentration until at 0-007 mole c.c. _1 it is 75 per cent above 
its value at low concentrations. One explanation for this effect is 
as follows . At high concentrations the number of bimolecular 
collisions between hydrogen iodide molecules is not proportional to 
the square of their concentration, because the amount of free space 
in the system is diminished. Rather, as van der Waals showed, 
the number of collisions is approximately proportional to the square 
of the concentration multiplied by the factor 1 /(I — Nb), where JV 
is the number of molecules per unit volume and b is four times the 
volume of a molecule, which is assumed to be a rigid sphere. This 
function fits the experimental results well if the hydrogen iodide 
molecule is assigned the reasonable diameter of 3 • 3 A. This is 
just one way of allowing for the deviation of the fugacity coefficients 
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of the reactant molecules and the activated complex from unity at 
high concentrations. No other simple gas reaction has been studied 
over such a wide range of concentrations. 

Of the three investigations 289 * 292 * 29 ^ which have been reported 
of the rate of formation and decomposition of deuterium iodide, 
that of Taylor and Crist 289 , whose findings agree well with 
those of Blagg and Murphy 292 , is the most reliable. The activation 
energies for the reactions of the deuterium and hydrogen compounds 
are the same, both for the forward and back reactions, within the 
limits of experimental error which are about ± 0-5kcal. The A 
factors are related as follows : 


A x { H) = 1-57^(0) ; A- { (H) = l-95A- x (D). 

Butlerow 294 discovered that alkyl iodides react with hydrogen 
iodide in a manner analogous to hydrogen iodide itself; but 
Ogg 295 , who followed the rate of production of iodine by the 
absorption of light, showed that although the over-all reaction is 
second order and adequately represented by 2 it occurs by two 

RI + HI = RH + I 2 . .... (2) 


different mechanisms. He proposed the following reaction scheme : 


RI + HI = RH + I 2 .... (2) 

RI = R + I .... (3) 

R + HI = RH + I .... (4) 

R + I 2 = RI + I .... (5) 

I+I+M = I 2 + M. .... (6) 


Solving the stationary state equations for this system, he found that 


d[I 2 ] 

dt 


= h [HI] [RI] + 


*3*4 [RI] [ HI J 

* 4 [Hi] + *5py 


and if, as he assumed, k 4 k 5 

d[I 2 ]/d< = A 2 [HI] [RI] + * 3 [HI] [RI]/([HI] + M)- • • 0) 

Because ([HI] + [I 2 ]) remains constant during a run, each run 
should be second order, as is found, but the rate constant should 
depend upon the initial concentration of hydrogen iod.de. 7 he 
constants k 2 and k 3 were found by plotting the over-all rate constant 
against the reciprocal of the hydrogen iodide concentration when 
a straight line of intercept k 2 and slope k } was obtained. A further 
check on the mechanism was obtained by measuring the retardation 
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caused by the addition of iodine to the system. The corrected rate 
constants, k 2 , obtained by Ogg which are given in Table 4.17 may 
not be very accurate because, although his work seems to be inter¬ 
nally consistent, the values of £3 and £3 that he found are known to 
be incorrect. Though the assumption that h 4 ~ k 5 may not be 
very accurate, it is unlikely to be so far wrong as to be the sole 
cause of the discrepancy or the results would not agree as well as 
they do with equation 1 . 


Table 4.17. Four-Centre Reactions 


Reaction 

log A 

mole - 1 c.c. sec -1 

E ' 

kcal 

Ref. 

\ 

HI 4 HI = H 2 -f I 2 

13-9 

44-0 

285-287 

H 2 4 I 2 = HI 4 HI 

14-1 

39-0 

285-287 

HI 4 CH 3 I = CH 4 4 I 2 

14-3 a 

33-4 

295 

HI + C 2 H 5 I = C 2 H 6 -1- I 2 

13-7 a 

29-8 

295 

HI + w-C 3 H 7 I = C 3 H 8 4 I 2 

14-1 a 

19-2 

295 

HI + H 2 = H 2 -f- HI 

13-7 

44 

297 

CIO 4 CIO = Cl 2 4 0 2 

10-3 to 11*3 

0 

300 

COC1 4 0 2 = C0 2 4 CIO 

10*9 

3-3 

303 


a The values originally reported by Ogg 2 * 1 are too large by a factor of 10 2S0 . 


The rate constant of reaction 7 is 1-42 times smaller than that 

CH 3 I + DI = CH 3 D + I 2 .(7) 

for the reaction with hydrogen iodide at 250° and 310° C 296 . The 
rate of the accompanying radical reaction is little affected by the 
substitution of DI for HI. 

Steiner 297 has suggested a four-centre reaction between hydrogen 
molecules and hydrogen iodide as an alternative explanation to 
the action of paramagnetic iodine atoms for the high rate of con¬ 
version of para- to normal hydrogen in the presence of hydrogen 
iodide and iodine 298 . The observed rate of conversion cannot be 
ascribed to the action of the paramagnetic atoms because theory 
predicts that such a mechanism should result in a very small tem¬ 
perature coefficient. The activation energy deduced for the reaction 

p- H 2 + HI = n-U 2 + HI 

is 44 T 3 kcal. Steiner’s hypothesis could be checked by measuring 

259 


TRANSFER REACTIONS 


the rate of exchange between deuterium and hydrogen iodide in 
the presence of iodine : experimental arrangements similar to those 
used in the study of the exchange between hydrogen chloride and 
deuterium would be suitable 299 . 

T he reaction between two CIO radicals may also be classed as a 
four-centre reaction 300 . CIO radicals are formed when a mixture 
of chlorine in an excess of oxygen is illuminated by a very intense 
flash of actinic light. The second-order decay of these radicals, 
which presumably takes place by the reaction, 

CIO + CIO = Cl 2 + 0 2 .... (8) 

can be followed by measurements of the light absorption of the 
mixture over the first 12 msec or so after the flash. The extinction 
coefficient of CIO is not exactly known, but can be shown to lie 
between the limits 310-3000. Hence maximum and minimum 
values for the concentration of CIO and the rate of the reaction 8 
may be deduced. It is found that 

1 OH • 3 exp (0± 700 IRT) >k s > 101 °- 3 exp(0 ± 700 /R T) mole-1 c .c. sec"l 

Porter and Wright suggested that the reaction takes place in two 
steps as follows : 

2C10 = ClOOCl .... (9) 

ClOOCl = Cl 2 + o 2 .... (10) 

and that k-g > £ 10 . Under these conditions, the effective rate 
constant will be 

£ g = kgk[ o /k—g and E% = Eg — E-g + E\q. 

However, E-g is at least as great as the dissociation energy of the 
CIO—OC1 bond, therefore it is difficult to see how it can be less 
than 30 to 40 kcal. Since k-g is supposed to be much greater 
than k\ q, E\g is presumably at least as great, in which case k\g will 
be far too small to be consistent with the observed reaction rate , 

accordingly we must reject this mechanism. 

Porter and Wright did not favour the four-centre mechanism ; 
they argued that other four-centre reactions have activation energies 
approximately equal to one quarter of the sum of the strengths o 
the bonds broken 300 . This rule is of doubtful validity and there 
are special reasons why it should not apply here. Most four-centre 
reactions are thermoneutral or less than 20 kcal exothermic whereas 
this reaction is 110 kcal exothermic and would be expected to have 
a very small activation energy. Moreover, following a suggestion 
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by Dainton, Porter and Wright302 have shown that the loss in 
entropy which is likely to occur when two CIO radicals associate to 
form a cyclic transition state is quite consistent with an A factor 
for the reaction of 10 11 mole c.c. sec- 1 . In our opinion the evidence 
at present available is in favour of the four-centre mechanism. 

The reaction 11 which is probably a step in the chlorine sensitized 

COC1 + 0 2 = C0 2 + CIO. (11) 

oxidation of carbon monoxide may best be written as a four-centre 
reaction. Its rate constant has been related 303 to the known rate 
constant of reaction 12. 

COC1 + Cl 2 = COCl 2 + Cl.(12) 

The reactions of hydrogen and iodine were cited in support of 
the collision theory of kinetics soon after the theory was formulated, 
because the A factors of both the forward and back reactions closely 
approach the rates of collision of the molecules. The transition 
state theory indicates why the agreement is so good. Mechanically, 
a hydrogen iodide molecule is little different from an iodine atom. 
The moment of inertia is small and the centre of gravity is close to 
the iodine nucleus ; the vibrational frequency is high and the 
molecule is normally in the ground level at ordinary temperatures. 
Similarly the transition state for the decomposition of hydrogen 
iodide resembles the iodine molecule. It has been shown that the 
collision and transition state theories yield the same expression for 
the rate of reaction of two atoms, therefore it is not surprising that 
the A factor of the reaction is of the same order as the rate of 
collision. The rotational entropy of the hydrogen molecule is very 
small so again little entropy is lost when the activated complex 
for the combination of hydrogen with iodine is formed and the A 
factor is large. 

No detailed calculations of the A factors have been made, because 
of the uncertainty of the vibrational frequencies in the activated 
complex. However, it has been shown that the frequencies which 
must be assumed to account for the observed properties of the com¬ 
plexes for the hydrogen-iodine 304 and methyl iodide-deuterium 
iodide 29 ^ reactions are quite reasonable. 

The calculation of the activation energies of four-centre reactions 
involves the solution of four-electron problems exactly similar to 
those encountered in the treatment of molecular elimination re¬ 
actions (section 3.2). The activation energy of the combination of 
hydrogen and iodine has been estimated 304 to be 49-6 kcal on the 
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assumption that 14 per cent of the binding energy in the diatomic 
molecules is additive. 

4.9 Termolecular Reactions 

According to the definition of molecularity which was adopted in 
the first chapter, a termolecular reaction is a one in which three 
molecules are involved in the fundamental chemical process ; such 
an elementary reaction must necessarily be third order. A distinc¬ 
tion may usefully be made between two types of reaction which 
have been supposed to be termolecular. The first type, 

A + B + C -> G + D + E, 

in which one of the three reactants emerges from the reaction 
unchanged, has been considered in the section on energy transfer 
(2.6) in connection with the combination of atoms in the presence 
of a third body. The second type, with which we shall be con¬ 
cerned here, 

A + B + C->D + E + F • 

is more truly a termolecular reaction, for all three reactants are 
changed chemically. From time to time various writers have 
suggested that no termolecular reaction has been discovered and 
have supported their criticisms of the generally accepted view by 
two arguments. They argue, first, that the reactions which are 
claimed to be termolecular do not obey third-order kinetics. This 
point can be settled by sufficiently careful experiments ; we shall 
consider the reliability of the experimental work on each reaction 
as we review it. Second, they argue more fundamentally that it 
may be impossible to distinguish by kinetic experiments between a 

one-stage reaction 

A+B+C=D+E 

and a two-stage reaction consisting of an equilibrium between two 
of the reactants, which is rapidly established, followed by t e s ow 
reaction of the adduct with the third reactant. 

A + B ^ AB 
AB + C = D + E. 

We can only answer this objection, or even decide whether it has a 
real meaning, if the nature of the adduct is defined. It will be 
convenient to postpone the discussion of this point until the experi¬ 
mental results have been described. 
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There are five reactions which have often been considered to be 
termolecular. All of them involve the change of three molecules 
into two and all of them involve nitric oxide. The principle of 
detailed balancing requires that the reverse change of two mole¬ 
cules into three shall in each case take place in a single step : the 
arrows merely indicate the directions in which the occurrence of 
the reactions has been directly observed. 

2N0 + 0 2 ^2N0 2 .... (1) 

2NO + Cl 2 ^ 2NOC1 .... (2) 

2NO + Br 2 2NOBr .... (3) 

2NO + H 2 -> ? .... (4) 

NO + N0 2 + 0 2 <- N0 2 4- N0 3 .... (5) 

2NO + 0 2 = 2N0 2 

Bodenstein and his co-workers Wachenheim, Lindner, Matthes, 
Ramstetter and Boes were the first to study the kinetics of the 
oxidation of nitric oxide 305-307 , the decomposition of nitrogen 
dioxide 312 and the equilibrium thus formed 313 . The chemical 
processes were followed by measuring the total pressure in the 
reaction system with an a-bromonaphthalene manometer, which 
served to magnify the pressure changes. These were small because 
the pressures of reactants had to be kept low if the reactions were 
to proceed at convenient rates. As the reactions are known to be 
clean there is no objection to this procedure, though the results 
could not be interpreted until the equilibrium between N0 2 and 
N 2 0 4 had also been investigated. Subsequent workers have fol¬ 
lowed the reactions with quartz spiral manometers, by measurements 
of the light absorbed by the nitrogen dioxide 309 - 310 , which is very 
convenient if the concentrations of reactants are high and the 
reaction rapid, and by analysis 308 , which is convenient when the 
concentrations of the reactants are very low. A number of grease¬ 
less valves have been developed to handle the very corrosive gases 314 . 

The rate constant, Aq, is usually defined by the relation 

d[N0 2 ] /dt = - d[NO]/d t = A*![NO]2 [0 2 ], 

though some authors have defined k\ in terms of the rate of disappear¬ 
ance of oxygen, which halves its numerical value. This differential 
equation cannot be simply solved for the general case where the 
initial concentrations of nitric oxide and oxygen are not equal: in 
practice it is almost impossible to have them equal. Accordingly 
the rate constant is deduced for each small-time interval over the 
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course of the reaction and the average concentrations of nitric oxide 

and oxygen are assumed to remain constant during these short 
periods. 

It has been found that the rate constants calculated in this manner 
are self-consistent and therefore the average value taken over the 
whole course of the reaction is reliable. 





Figure 4.8. The oxidation of nitric oxide d[N02]/d/ = k\ [NO] 2 [O 2 ] 



Pressure Ranges (mm) 

Ref. 

# Bodenstein and Wachenheim 

3-5 to 13 O 2 

7 to 15 NO 

306 

C Bodenstein and Lindner 

1 to 10 

4 to 8 

305 

O Matthes 

ca. 0-4 

ca. 2 

307 

+ Brown and Crist 

8 to 20 

0 • 04 to 0-13 

308 

X Smith 

1 to 25 

1 to 50 

309 

□ Johnston and Slentz 

1 to 430 

0-8 to 340 

310 

The straight line corresponds to an 

activation energy of — T5 keal. The 

dotted 

line represents the rate constant calculated by Gershinowitz and Eyring338, 

341. 


At high temperatures, the rate of the back reaction becomes 
significantly great and the simple differential equation must be 
replaced by, 

d[N0 2 ] /dt = Ai[NO]2 [0 2 ] - ^-i[N0 2 ] 2 

= *,[NO]2 [0 2 ] - N0 2 ]2, 

where K x is the equilibrium constant of the reaction, which can be 
determined in separate experiments. The rate constants are again 
found by calculations for each short period of time. 

The results obtained by Bodenstein and his co-workers are shown 
in Figure 4.8 together with the later results of Brown and Crist308 ? 
Smith309 and Johnston and Slentz3l0. The remarkable concordance 
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of the results of the different workers, studying the reaction with 
very different concentrations of reactants, leaves little room for 
doubt that these reactions are homogeneous and third order. The 
results of Briner, Pfeiffer and Malet 315 have been omitted from the 
figure because the accuracy of their results, obtained by a variety 
of flow methods, seems to be in some doubt, though it is difficult 
to say exactly what were the sources of error. 

The equilibrium constant K\ is given by the equation 313 

25 200 

log K\ = — 0-75 log T + 0 • 0005 T — 0-925 mole- 1 c.c. 

and the velocity constant of the reverse reaction by 316 

k-i = 10 11 * 8 exp (— 25 600/RT) mole -1 c.c. sec -1 . 

The A factor for this reaction is of the magnitude usually found for 
bimolecular reactions of substances of this complexity. 

At some time or another the suggestion that the reaction rate 
can be affected by intensive drying or by the nature of the surface 
of the containing vessel has been made about all the classic gas 
reactions ; the oxidation of nitric oxide is no exception. However 
Briner 317 could not detect any decrease in the reactivity of the dry 
gases. Furthermore it is hard to believe that concordant results 
would have been obtained at the lowest pressures if the rate con¬ 
stants were as much affected by the dryness and history of the surface 
as Stoddart 318 has claimed ; though it does seem that the nature of 
the surface is important under some conditions. 

2NO + Cl 2 = 2NOC1 

This reaction has been most accurately followed by the pressure 
change in a closed system registered on a quartz spiral manometer. 
The rate constant for the chlorination is defined as 

d[NOCl] /dt = [NO] 2 [Cl]. 

It is derived in the same manner as the rate constant for the 
oxidation, though allowance for the back reaction must be made 
at all temperatures. The most reliable work on the reaction is 
that of Welinsky and Taylor 31 ^ ; this account relies heavily upon 
their results and criticisms of those of other workers. They con¬ 
cluded that the reaction obeyed third-order kinetics and that 
Trautz had arrived at a different conclusion because he did not 
treat his results critically enough ; sometimes he did not allow 
for the back reaction in cases where it was not negligible. The 
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results of all workers are collected together in Figure 4.9 which shows 
the satisfactory agreement. Stoddart 32 ^ has again shown that under 
ceitain conditions the velocity of the reaction is influenced by the 
history of the containing vessel, but despite this finding it seems that 
the reaction, as usually studied, is homogeneous and third order. 

I he Arrhenius plot is markedly curved. This may be attributed 
to the contribution of reaction 6 

NO Cl = NO + Cl, .... (6) 

followed by Cl + NOC1 = NO + Cl 2 .... (7) 

to the over-all rate of decomposition at high temperatures. Ash¬ 
more and Chanmugam 327 assign an activation energy of 38 kcal 
to this reaction (corresponding to the strength of the bond broken) 
and an A factor of 10* 1,8 sec -1 on the basis of an estimate of k$ at 
300° C. Some doubt may be felt as to the reliability of this assign¬ 
ment, for they report that the rate of this reaction of a triatomic 
molecule is independent of pressure in the range 50 to 300 mm. 



Figure 4.9. The reaction of chlorine with nitric oxide. 

d[NOCl]/d/ = k 2 [NO]2 [Cl]. (After I. Welinsky and H. A. Taylor.) 

• Direct measurement, Welinsky and Taylor 319 
C) From k 2 — k- 2 fC 2 , Welinsky and Taylor 319 
O From k 2 = k_ 2 K 2 , Waddington and Tolman 320 
□ Krauss and Saracini 321 
A Trautz 322 

■ Trautz and Wachenheim 323 
▲ Trautz and Henglcin 324 
O Kiss 325 

The equilibrium constant for the formation of nitrosyl chloride 
is given by 328 

log r 2 = 17 650 /4 • 5 74 r— 2 • 348 log r+ 0 • 00246 r+ 3 • 742 mole-1 c.c. 

K 2 ~ 10-1-4 exp (17 750/RT) mole-l c .c. 
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The rate constant for the decomposition at low temperatures, where 
reaction 6 is unimportant, is 

k- 2 = 10 11 * 8 exp (— 22 000 /RT) mole -1 c.c. sec -1 . 

fc 2 = 10 10 ’ 4 exp ( — 4 2001RT) mole - 2 c.c . 2 sec -1 . 

2NO + Br 2 = 2NOBr 

The reaction of nitric oxide with bromine has been less compre¬ 
hensively studied than that with chlorine, though it is very similar. 
The rate constant, k 3 , is defined in the same way as /r 2 , and is 
derived from observations of the rate of change in pressure of a 
mixture of bromine and nitric oxide, measured with a quartz 
spiral manometer. In working out the results, allowance must be 
made for the back reaction over the temperature range studied. 
The most reliable results are those of Krauss 329 , working in Boden- 
stein’s laboratory, who improved upon the earlier measurements by 
Trautz and Dalai of the velocity 330 and equilibrium constants 331 . 
Krauss found that the reaction was accurately third order and that 
over the limited temperature range from — 8° to +15° C, the rate 
constant could be adequately represented by 

k$ = 10 10 * 6 exp (— 1 600/ RT) mole -2 c.c . 2 sec* 1 , 

and the equilibrium constant by 

K 3 = 10 - 3 * 2 exp (12 500 /RT) mole - 1 c.c. 

The rate of the bimolecular reverse reaction has not been measured, 
but can be simply shown from k$ and to be 

k- 3 = 10 13 ’ 8 exp (— 14 \00jRT) mole -1 c.c. sec -1 . 

2NO + H 2 = 2HNO ? 

As the end products of the reaction of hydrogen with nitric oxide, 
which takes place at about 800° G, are water and nitrogen it is 
clearly impossible to contrive a single-stage mechanism ; but it is 
possible that the initial rate-determining reaction is that written 
above, which is followed by fast reactions leading to nitrogen and 
water. The earliest work was by Hinshelwood and Green 332 who 
found that the reaction, which was followed by measurement of the 
total pressure change, was approximately first order. A more 
detailed investigation 333 showed that the reaction was not of any 
simple order, so we must conclude that it takes place by a number of 
simultaneous processes. A termolecular reaction may be the rate¬ 
determining step of the predominant mechanism at pressures of a 
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few hundred millimetres. If this view is accepted, we may deduce 
from the experimental results that 

£4 = 10 18 * 7 exp (— 47 000/RT) mole -2 c.c . 2 sec - U 
N0 2 + NO + 0 2 - N0 2 + N0 3 

I he foiwaid reaction 5 has not been observed, but the reverse 
reaction is one of the steps in the decomposition of nitrogen pentoxide 
(section 2.5). Although a lower limit can be placed on the rate 
constant and an upper limit on the activation energy, the exact 
rate factors of this reaction are not known. 

4 he collision theory of chemical kinetics cannot be simply applied 
to termolecular reactions because of the difficulty of arriving at a 
satisfactory definition of a three-body collision. If the molecules 
are supposed to be rigid spheres, as is usually supposed when calcu¬ 
lating the number of collisions between two molecules according to 
the simple kinetic theory of gases, then two molecules colliding will 
be in contact for an infinitely short time. Consequently, the 
probability that three molecules will be simultaneously in contact 
is vanishingly small. Obviously this difficulty arises from the 
unreality of the assumption which was made about the nature of 
the molecules. We might avoid the difficulty by postulating the 
existence of a ‘ layer of interaction 5 surrounding the hard molecule, 
so that, while the two layers overlap, the molecules might be deemed 
to be in contact. Unfortunately this procedure is too arbitrary to 
be useful, as the thickness of the ‘ layer ’ cannot be independently 
determined. The more realistic treatments of molecular collision 
phenomena are too cumbrous for the present purpose. Bodenstein 
has suggested that it is intuitively reasonable that the ratio of two- 
body to three-body collisions in a given volume of gas will be 
approximately the same as the ratio of the mean free path to the 
mean diameter of the molecules. Therefore, at atmospheric pres¬ 
sure, there will be about one thousand times as many binary as 
ternary collisions. This rough rule gives a useful indication of the 
order of magnitude of the number of ternary collisions, as the 
number of binary collisions may be simply calculated. Hence the 
rate of ternary collisions is approximately 10 16 mole -2 c.c . 2 sec -1 
for small molecules at room temperature. The A factor for the 
reaction of nitric oxide with hydrogen is considerably greater 
than this. Hence we have an additional reason for doubting the 
simplicity of the hydrogen reaction ; probably a chain reaction is 
involved. We shall not consider the reaction as an example of 
termolecular behaviour. 
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Several of those who have worked on these third-order reactions 
have been reluctant to believe that they were really termolecular. 
Accordingly they have suggested that complexes such as 
NOCI2 -' 24 , NO3 508 and (NO) 2 554 are present in equilibrium 
concentrations in the reaction mixtures and that the rate determin¬ 
ing step is the reaction of one of these complexes with another 
molecule. The most attractive of these suggestions is the last, for 
it covers all three classical third-order reactions. Some evidence 
has been advanced for the existence of a dimer of nitric oxide 3 35-3 3 7 . 
in the liquid phase it is reported to have a heat of dissociation of 
3*7 kcal which, as Bodenstein showed, would fit quite well with a 
collision-theory interpretation of the reactions. But the critical 
constants of nitric oxide show no sign of unusual intermolecular 
attractions in the gas ; this is a sensitive test. Moreover the detec¬ 
tion of a complex in a reaction system is no proof that the complex 
takes part in the reaction. 

The distinction between a normal collision, a ‘ sticky ’ collision, 
and the formation of a complex is artificial ; it is a matter of nota¬ 
tion. The distinctions are unnecessary if the reactions are treated 
by the methods of the transition state theory. This treatment is 
only concerned with the nature of the initial reactants and of the 
activated complex ; the mechanism by which the complex is formed 
is immaterial. As the treatment of third-order reactions is one of 
the triumphs of the theory 3 38 anc l [ s quite straightforward we give 
it fairly fully. 

The general expression for the rate constant of an elementary 
reaction is, according to the transition state theory (section 2.2), 


For the reaction, 
we may write 

k 

where X 2 is the diatomic molecule of oxygen, chlorine or bromine. 
A non-linear molecule of the formula N 2 0 2 X 2 would have 
18 — 6 = \2 vibrational modes, but in the activated complex one of 
these internal degrees of freedom is that in which the dissociation is 
taking place and is included in the factor kT\h. exp (— E 0 /RT). 
Consequently the complex can have only eleven vibrational modes. 
It is very likely that the halves of the complex will rotate freely 
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round the X—X bond, therefore another vibrational term should 
be replaced by (8n$I D kE)l ^/h, where I D is the moment of inertia 
for rotation about the bond. The expression for the rate constant 
may be written in the usual notation as 


, kT g t 

k = y.. X 

n ga 


( 


2~m%kT \3 2 8r2(8-lABC)li2(kT)ll2 (Qr^I D kT)^2 10 


A3 




A 3 at 


II(1-C -hvt!kT)-l 


*(T) 


e -EolRT 


where g t and g a are the statistical weights of the electronic states 
of the activated complex and the reactants, and a t and a a are the 
symmetry factors. There is no reason to suppose that the trans¬ 
mission coefficient will be small for this reaction ; we shall assume 
that it is unity. 

No method has yet been devised whereby the activation energies 
of these reactions can be calculated. Eq must be derived from the 
experimental results. In order to do this the temperature dependent 
terms in the pre-exponential factor are separated from the rest, P. 
Then 



10 

n(i 1 


11(1 - ' Ti 


e -EJRT' 


The frequencies of the NO and X 2 vibrations are so high that, at 
the temperatures of the experiments, the corresponding partition 
functions are approximately unity ; we may suppose that the 
partition functions for the vibrations in the complex are also unity. 
Taking logarithms and differentiating with respect to l/T, we find 


d 

d(l IT) 




7 

If the quantity In k + 3 In T - In If (1 - e'** 4 * r )- 1 is plotted 
against 1/f a straight line should be obtained of slope — E 0 /R. 
The last term in the expression only becomes considerable at 
temperatures approaching 400° K if the vibrational frequencies 
of the complex are approximately equal to those found in ordinary 
molecules. At low temperatures, the ordinary Arrhenius plot will 
have a slope corresponding to an activation energy of Eq — 3 RT 
where T is the mean temperature of the experiments. 
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In order to apply this treatment to the reaction between nitric 
oxide and oxygen some assumptions must be made about the 
transition complex and its vibration frequencies. Gershinowitz 
and Eyring3 38 supposed that the complex had the same vibrational 
frequencies as dinitrogen tetroxide, a molecule which it must 
resemble closely. To find the £ 0 , they used the seven frequencies 
less than 900 cm -1 . From the experimental results of Bodenstein 
and his collaborators in the temperature range above 0° C, they 
found E o = 0 i0*l kcal, a figure which would not be altered if 
the experimental results of Matthes were also considered. To calcu¬ 
late the absolute rate of the reaction some further assumptions 
about the dimensions of the transition state must be made. They 
assumed the structure 


1-22 A 5 A 
O-N- 



1 • 32A ; 

O-N-O 


it may be thought that these dimensions are incompatible with the 
vibrational frequencies of dinitrogen tetroxide, but the calculated 
value of k would be little different for N—O distances of less than 
5 A. The only remaining parameters are the statistical weights, g , 
of the electronic states which for oxygen in the 3 £ state is 3 and 
for nitric oxide in the state, at these temperatures, is 3*1. The 
value g = 4 was assumed for the complex. The results, which 
the authors considered could not be out by more than a factor of 
twenty or thirty and were probably good to a factor of five, are 
plotted in Figure 4.8 * Clearly the treatment is along the right lines. 

The agreement obtained between the calculated and observed 
rate constants when similar assumptions are made for the nitric 
oxide-chlorine system is not so good. The discrepancy is, however, 
trivial in comparison with the failure of the modified collision 
theory treatment of Kassel339 to agree within a factor of 109. 
Even the simplest type of calculation based on the theory of 
absolute reaction rates, assuming the entropy of the transition 
complex to be the same as that of dinitrogen tetroxide, gives a 
result which is only in error by a factor of thirty. 

* Glasstone, Laidler and Eyring340 and Laidler34l compare the calculated 
values of the rate constants with the results of Briner, Pfeiffer and Malet3l5. They 
probably give a misleadingly favourable impression of the agreement between 
theory and experiment. 
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The factors which influence the activation energies of these re¬ 
actions are not yet understood, but it is reasonable that the association 
of two nitric oxide molecules, which are essentially free radicals, 
with an oxygen molecule, which in its triplet ground state is essen¬ 
tially a bi-radical, should require no activation energy. Also the 
reaction involving the fission of the weaker Br—Br bond would be 
expected to have a lower activation energy (/sq — 3*2 kcal) than 
that involving the chlorine—chlorine bond (Eq = 4*9 kcal). It is 
interesting to note that contrary to the general rule we can predict 
the rates of these reactions quite well, despite the fact that their 
exact mechanisms are not known. 
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RADICAL DECOMPOSITIONS AND 

RADICAL ADDITIONS 

The decomposition of free radicals might well have been discussed 
in Chapter 3 along with the other unimolecular decompositions. 
This classification was not adopted, because the experimental 
methods by which the decompositions of free radicals are studied 
are so different from those used in the investigation of the decompo¬ 
sitions of normal molecules. There are three reasons why different 
methods are required. First, the lifetimes of the radicals are so 
short that they must be generated in the reaction system. Second, 
neither the concentrations nor the rates of decomposition of the 
radicals can be measured directly. Third, the activation energies 
of the decompositions and the reverse addition reactions are so low 
that both processes may occur to a considerable extent in one 
reaction system. Hence it is sometimes possible to study both the 
forward and the reverse reactions. 

The equations, which relate the rate factors of the forward and 
reverse reactions to the over-all heats of the reactions and to the 
entropy changes, serve to knit together the meagre and patchy 
experimental data. By way of illustration, let us consider the uni¬ 
molecular decomposition of the propyl radical, 1, and its converse, 
the addition of a methyl radical to ethylene. The heats of formation 

C 3 H 7 = CH 3 + C 2 H 4 ; A H x .(1) 

of the methyl radical, the propyl radical and ethylene are 32-5, 22 
and 12*5 kcal respectively, hence A H\, the heat of the reaction, 
which is equal to E\ — 2s_i, is 23 kcal. Similarly the A factors 
are related by the equation R In A X \A- X = A S { . The entropy of 
ethylene in its standard state, at one atmosphere pressure and at 
25° C, is 52-5 e.u. The entropies of propyl and methyl may be 
estimated to be 65*9 and 45-5 e.u. respectively 1 . Therefore 
A\\A -1 = 400. The entropies of free radicals cannot be estimated 
very accurately ; but if a consistent method of estimation is em¬ 
ployed, many of the errors will be the same for the radicals on either 
side of the reaction equation. These errors will balance, so that 
the error in the difference, which is of interest, is likely to be smaller 
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than the errors in the absolute values. In this chapter, the entropy 
of a radical R, not a methyl radical, will be assumed to be the same 
as that of the parent compound RH, with the addition of 1 -4 e.u. 
to allow for the electron degeneracy. It will be seen that even this 
approximate procedure can aid our understanding. 

The activation energies of a few decomposition reactions have 
been calculated by the transition state methods. The problems 
are, however, somewhat different from those that have previously 
been considered. At some stage in the decomposition of a radical, 
before the fragments finally separate, the electrons in the unsaturated 
portion must rearrange. If this did not happen, the energy of 
activation for, say, the decomposition of a propyl radical, which 
would form a bimethylene bi-radical, would be approximately the 
same as the strength of a normal C—C single bond, that is about 
80 kcal. But the activation energy is found to be about 20 kcal, 
which is approximately the same as the heat of the reaction. The 
heat of the reaction, corresponding to the complete rearrangement 
of the fragment to form normal ethylene, is a minimum below which 
the activation energy cannot lie. The potential energy curves 
corresponding to this rearrangement have not yet been investigated. 
The workers 2-4 who have estimated the activation energies have 
assumed that the decomposition of radicals could be treated as if 
only ^-electrons were involved. They have also assumed that the 
three atomic centres, in the position of minimum potential energy, 
lie on one line and that the Morse equation adequately represents 
the variations of the strengths of the bonds with bond length. Even 
if these assumptions are accepted, the calculated values for the 
activation energies require revision, because incorrect bond strengths 
were sometimes selected. Nevertheless, the conclusion which was 
reached that the addition of a small radical or atom to ethylene 
has an activation energy of a few kilocalories is probably correct. 

A more realistic treatment of the problem would be prohibitively 
complex. 

The A factors for the decomposition of radicals may be calculated 
by the same methods that are applied to the decompositions of 
normal molecules. If the incipient fragments do not rotate freely, 
the A factors should be of ‘ normal ’ magnitude, that is 10 I2±1 ^ 
sec-L As a corollary, the A factors for the additions of small 
radicals to unsaturated compounds should lie in the range lO 1 ^ 
to 10 11 mole- 1 c.c. sec- 1 . Baxendale and Evans$ have considered 
the similar problem of the additions of very large radicals to small 
unsaturated compounds in solution. These reactions are the chain¬ 
carrying steps in polymerizations. Their results support the above 
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predictions, for they found that the experimental A factors were of 
the same order as those estimated from the calculated entropy 
changes ; furthermore, the results are in accord with the observa¬ 
tion that the A factors are independent of the size of the polymeric 
radical. Again no allowance was made for the fact that these 
reactions cannot be adiabatic. It is not impossible that the rate 
of the decomposition is governed by the frequency of the electronic 
transition in which the 7r-orbitals of the double bond are formed. 


5.1 The Addition of Atoms to Carbon—Carbon 

Double Bonds 

Any reaction system which contains a large proportion of unsatur¬ 
ated compounds is likely to be very complicated kinetically. 1 hus, 
if methyl radicals are produced in the presence of large quantities 
of ethylene, the possibilities for reaction are manifold. Methyl 
radicals can extract a hydrogen atom to form a vinyl radical, or 
they can add to form a propyl radical ; the propyl radicals may 
dimerize to hexanes, disproportionate to propylene and propane, 
decompose to either a methyl radical and ethylene or to a hydrogen 
atom and propylene, or add to ethylene to form a pentyl radical, 
which also may react in many ways ; the vinyl radical may also 
add to an ethylene molecule. It is clear that the rate constant for 
the addition of an atom or radical to a double bond can only be 
accurately determined if the reaction system is chosen so that many 
of the possible side reactions are negligible. This requirement has 
determined the type of systems in which addition reactions have 
been investigated. 

Hydrogen Atoms 

Qualitative experiments indicate that the collision efficiency for the 
addition of a hydrogen atom to an olefin is of the order of 10~ 4 . 
Therefore any process which is used for comparison with the addition 
must have a collision efficiency of the same magnitude or have a 
time constant of the order of 0 T sec. 

The reaction of hydrogen atoms with hydrogen sulphide has a 
collision efficiency of the correct magnitude. When hydrogen 
sulphide is photolysed, the significant reactions are<> 

H 2 S + Av = H + HS I abs 
H + H 2 S = H 2 + HS. .... (1) 

The rate of formation of hydrogen molecules, R h is directly 
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proportional to the light absorbed. In the presence of an olefin7, 
such as propylene, two additional reactions occur, 

H + C 3 H 6 = C 3 H 7 , .... (2) 

H + C 3 H 6 = H 2 + C 3 H 5 . .... (3) 

The number of nydrogen atoms released when the olefin is present 
is the same as the number released when it is absent, provided that 
the other experimental conditions are unchanged. Therefore, from 
the steady state equations, in the presence of the olefin 

R i = *iC H J [H 2 S] + k 2 [ H] [C 3 H 6 ] + A 3 [H] [C 3 H 6 ]. 

But the rate of production of hydrogen molecules in the presence of 
the olefin, R 0 , is given by 

R 0 = *i[H] [H 2 S] + k 3 [H] [C 3 H 6 ]. 

Therefore, R 0 I(R { - R 0 ) = (*,[H 2 S])/(A 2 [C 3 Hd) + h\k 2 . 

When the function Ro/(R i — R 0 ) is plotted against the experi¬ 
mentally determined ratio [H 2 S]/[C 3 H 6 ] (which does not alter 
appreciably during the run if less than 2 per cent of the hydrogen 
sulphide is photolysed), the line obtained has a slope k\lk 2 and an 
intercept k$/k 2 . Since A\ and E\ are known, A 2j A$, E 2 and E$ 
may be found. The values of A 2 and E 2 that have been obtained 
by this method are given in Table 5.1. Their relative accuracy is 


Table 5.1. The Addition of Hydrogen Atoms to Olefins 




1 

) 

! log A 

• mole - ! c.c. sec - ! 

10 4 Collision tfficiency at 18 3 C 

Olefin 

E 

kcal 

Darwent and 
Roberts 

Melville and 
Robb!2, 14 

Ethylene 

4-1 

13-5 

0*81 

11-4 

Propylene 

i 

5-0 

14-4 

0-96 

2*0 


Reference 7. 


These figures are ultimately based on the Arrhenius equation 

k = 1013-4 exp (- 5 000 IRT) mole-l c .c. sec”l 

for the reaction 

D + H 2 = HD + H. 

This expression may not be correct (section 4.1). 
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probably fair, but they are based upon the rate factors of reaction 1, 
which are in turn derived from an Arrhenius equation for the rate 
of reaction of deuterium atoms with hydrogen which is likely to be 
incorrect (see section 4.1). 

More results have been obtained by a completely different 
method 8-14 . Figure 5.1 is a diagram of the apparatus. Known 
numbers of hydrogen atoms are generated by the mercury photo¬ 
sensitization of hydrogen at about 6 mm pressure in the space 
bounded by the silica window and the layer of packed molybdenum 


Light source for 
colorimeter 


c 


L 

N J 



Soft g/oss guard ring 


Silica p/ate 


< 

\ 



Lon pressure 
mercury lamp 


r 


Photocell 



Colorimeter placed in 
position for measurement 

— Reaction zone 


Oxide layer 


Spring mounting 
Approximately 5 cm, 


Figure 5.1. Reaction vessel and colorimeter as used by Melville and Robb 9 


oxide powder. Some of these atoms react with the olefin and the 
remainder ultimately diffuse to the molybdenum oxide.* The 
atoms reduce the white molybdenum oxide to a blue compound. 
The rate of change of reflectivity of the oxide surface is measured 
both when hydrogen alone and a mixture of hydrogen and an 
olefin are irradiated. Hence the proportion of hydrogen atoms, 
removed by reaction with the olefin before reaching the surface, 
can be found. The number of collisions with an olefin that an 
average hydrogen atom makes before reaching the surface can be 
calculated. Hence the collision efficiency of the reaction between 
a hydrogen atom and the olefin can be found. 

A number of points concerning the conduct of these experiments 
may be noted : 

( i ) The rate of production of hydrogen atoms is found by 
measuring the rate of the photosensitized para- to ortho- hydrogen 

* A small correction must be applied to allow for the combination of hydrogen 
atoms on the quartz surfaces. 
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conversion at low pressures, in the absence of molybdenum 
oxide 15 . 

(li) A comparison of the rate of decrease of hydrogen pressure in 
the system with the rate of production of hydrogen atoms shows 
that nearly every atom produced in the absence of olefin is ulti¬ 
mately removed at the oxide surface. 

(iii) The measurement of the rate of the photosensitized conversion 
of para- to ortho-hydrogen at about 6 mm pressure, with the 
molybdenum oxide in place, shows that the collision efficiency for 
the removal of hydrogen atoms at the oxide surface is unity. This 
conclusion is supported by the finding that tungstic oxide is equally 
efficient. It is unlikely that the oxides should be equally, but 
fractionally, efficient. 

(iv) The reaction space has a diameter of about three centimetres 
and a depth of only a few millimetres. Consequently, the diffusion 
problem is one dimensional and the differential equations may be 
solved exactly. 

(v) The change in reflectivity, as measured by the electrical 
resistance of the photocell, is standardized against the rate of 
disappearance of hydrogen atoms from the system with no olefin 
present. Unfortunately the relation is not linear. Hydrocarbon 
radicals also turn the surface blue. However most radicals are 
either markedly less or more efficient than hydrogen atoms in 
changing the colour of the oxide surface. It is possible to separate 
the two effects if experiments are made with different separations 
between the window and the oxide layer. If the ‘ blueing ’ 
efficiencies are very similar for, say, molybdenum oxide it may be 
possible to distinguish between them for tungstic oxide. 

The rates of reaction of hydrogen atoms with unsaturated com¬ 
pounds which have been found by this method, are given in 
Table 5.2. The method does not distinguish between the rate of 
reaction by addition to the olefin and by abstraction of a hydrogen 
atom from it. Darwent and Roberts 7 found that the addition 
reaction with propylene removed about five times as many atoms 
as the metathetical reaction. If we assume that the relative rate 
constants for the metathetical reactions of hydrogen atoms run 
roughly parallel to the rate constants for the reactions of methyl 
radicals, we may derive the rate constants for the addition reactions 
which are given in the last column of the table ; the corrections 

which have been applied are small. 

The quantities of products are so small that it is impossible to 

investigate the nature and fate of the radicals formed by the addition 
of the hydrogen atoms to the olefins. This difficulty has been over- 
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come by irradiating mixtures of 3 mm pressure of olefin and about 
250 mm of hydrogen in vessels of 200 to 500 c.c. capacity. The 
mixture is irradiated until the rapid decrease in pressure is over. 
As yet only ethylene 16 * 17 , propylene 17 * 18 and the butenes 17-19 
have been studied, because the difficulties of analysing the products 
from the other olefins are prohibitive. The dimer produced in the 
hydrogenation of propylene is almost exclusively 2,3-dimethylbutane 
which shows that the hydrogen atom adds preferentially to the 
terminal carbon atom. Similarly, 2,2,3,3-tetramethylbutane and 
3,4-dimethylhexane constitute 98 per cent of the dimers produced 
at room temperature by the addition of hydrogen atoms to 2-methyl- 
propene and 1-butene respectively. 


Table 5.2. The Reactions of Hydrogen Atoms with Olefins 

(Temperature !8° G) 


Olefin 

10-H k 

mole—l c.c. sec~l 

10 4 collision 
efficiency 

10 II k (addition) 
mole-1 c.c. sec“l 

1 

Ethylene 

7*5 

n-4 

7-5 

Propylene 

1*8 

2-0 

1-4 

cis-2 -Butene 

8-0 

8-9 

7-6 

trans-2 -Butene 

6-3 

5-5 

5-9 

2-Methylpropene 

iO-O 

6-3 

9-6 

cis-2 -Pentene 

4-4 

4-6 

3-9 

2-Mtthyl-2-butene 

7-3 

, 6-4 

6-6 

2,3-Dimethyl-2-butene 

4-8 

4*2 

4-0 

2,?>,Z-Trimethyl-\-butene 

6-9 

! 6-0 

5-5 

Cyclo hexene 

80 

7-9 


Benzene 

1-1 

1 -3 

M 

Toluene 

0-24 

0*2 

1 



If the P factor for an addition is 0-1 and the collision efficiency is 5 x 10~ 4 the activation energy 
of the reaction is 3 • 7 keal. These figures are taken from reference 14. 


Halogen Atoms 

The most convenient source of halogen atoms is a halogen molecule 
which may be dissociated thermally or photochemically. Conse¬ 
quently, the addition reactions of halogen atoms, like the meta- 
thetical reactions discussed in the preceding chapter, are almost 
invariably investigated in systems containing considerable quantities 
of free halogen molecules. Hence in this case also, the over-all 
behaviour of the reaction system is governed by the subsequent 
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reactions of the radical, formed by the initial reaction of a halogen 
atom, with the halogen molecules. Thus the addition of a halogen 
atom to a double bond is commonly observed as one step in a chain 
process. Each halogen atom generated photochemically leads to 
the formation of many hundreds of saturated dihalide molecules. 
This makes it impossible to isolate for study the initial addition of 
the halogen atom to the unsaturated compound ; its rate constant 
can only be deduced from studies of the over-all kinetics of the 
system. The kinetics of all halogenation reactions fall into certain 
characteristic patterns so it will be most convenient to discuss in 
this section the additions of chlorine, bromine and iodine to 
compounds containing all kinds of double bonds and not confine 
our attention to carbon—carbon double bonds only. 

The overwhelming majority of gas phase halogenations of the 
general type 

A=B + X 2 = XABX, 

where AB is an unsaturated compound and X 2 is a halogen mole¬ 
cule, take place by way of mechanisms involving four or more of 


the following elementary reactions : 

Initiation X 2 + - 2X or X 2 ^ 2X . . . . (1) 

f X + AB v* ABX .... (2) 

Propagation { ABX + X; „ XABX + x . . . . (3) 

Termination X + X + M = X 2 + M .... (4) 

2ABX = inert products .... (5) 

ABX + X = inert products .... (6) 

X + Wall = 1 /2 X 2 . .... (7) 


The over-all rate of the reaction is almost always measured by 
following the rate of change of pressure in a system containing 
known quantities of reactants. The way in which the rate varies 
with the method of initiation, the light intensity, and the concen¬ 
trations of the reactants, will depend upon the relative importance 
of the various elementary steps. The algebraic expression for the 
over-all rate may be derived for any scheme by the steady state 
method, setting up equations for d[X]/dt and d[ABX]/dt y and 
solving in the usual way. The results of this procedure are set out 
in Table 5.3 for several of the more important and probable cases, 
which include the majority of those observed. Sometimes small 
discrepancies between these equations and those given in the 
literature will be noted : for example, factors of two may appear or 
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Table 5.3. The Halogenation of Unsaturated Compounds 


Photochemical initiation 

Thermal initiation 

[X] = (/r,[X 2 ])l/2 

I Reaction — 2 negligible 

I (a) Reaction 4 chain ending 

This case is not probable if reaction 3 is slow cc 

— d[X 2 ] d[ABX 2 ] , / I. ta \ 1/2 

dt = di = 2 U 4 [M]J [AB] 

tmpared with reaction 2. 

* 2 * 1 1 2[AB] [X 2 ]i 2 

I (b) Reaction 5 chain ending 

This case is not probable if reaction 2 is slow c< 

- "li?=>-+*4~r « 

jmpared with reaction 3. 

* 2 AV /2 [AB] [X 2 ]l/2 

+ 8*5*1^, l/2[X 2 ]l/2fAB])) 
4 k 5 f 

I (c) Reaction 6 chain ending 

-d[X 2 ] - *61- + V(W + 4*2*3** 

dt ab * 2k b 

+ d[ABX 2 ] - A 6 I abi + V(W*6 2 +4* 2 * 3 * 6 I 

fX 2 ]) 

kiK\ [AB] [X 2 ] 1/2 
.JAB] [X 2 ]) 

d t 2k 6 

% 

k 2 k 3 K l l/2[AB] [X 2 ] 
^[X 2 ] 1/2 + k 6 K\l/2 

/ I Reaction — 2 fast compared with reaction 3 : 1 
II {a) Reaction 4 chain ending 

t-2 >*3[X 2 ]. 

< 2 ] 

Ar 3 /f 1 l/2A' 2 [AB] [X 2 ]3/2 

II (b) Reaction 5 chain ending 

- ^ = 2U + 

^ 3 A' 1 i/2A' 2 [AB] [X 2 ]3/2 

k^Ki 1/2A- 2 [AB] [X 2 ]3/2 


G.K. 
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Table 5.3 continued 

II (c) Reaction 6 chain ending 


— d[X 2 ] /h 

dt = ^>3 + k J l2 l/2[X 2 ] 

k 3 KxU2K 2 [AB] [X 2 ]3/2 

d[ABX 2 ] k } „ 

dt =^2 /r 2 1;2 W /2 [AB]l;2 [ X 2 ] 

k 3 Kill2K 2 [AB] [X 2 ]3/2 


III The rates of reactions — 2 and 3 are comparable 
III (a) Reaction 4 chain ending 

- d[X 2 ] d[ABX 2 ] _ / I ab9 v 1/2 [X 2 ] [AB] 

d t 2 \a 4 [M]/ *_ 2 /* 3 + rx 2 ] 


dt 


k 2 Kfll 


[X 2 ]3/2[AB] 
*- 2 /*3 + [X 2 ] 


III ( b) Reaction 7 chain ending at the wall 

k-j is roughly inversely proportional to the pressure. 

[X 2 ] [ AB] 

7 ^-2/^3 + [X 2 ] 

* 2 A\i/2 


d[X 2 ] _ d[ABX 2 ] [M] 

— *2 » 3 ab g 


d t 


dt 


[X 2 ]3/2[AB] 
k-2lh + [X 2 ] 


disappear if the rate constants are differently defined ; the term 
2 I abs is frequently omitted because it is negligible if the chains 
are long. 

Some authors, Rollefson and his co-workers in particular, have 
postulated the formation of a triatomic halogen molecule, X 3 , as 
an intermediate in the reactions. The expressions which may be 
derived for the over-all reaction rate on the basis of this assumption 
are the same as those derived as above. No study of the over-all 
rate alone will distinguish between the two possibilities. This 
account is written in terms of reactions not involving triatomic 
halogen molecules, because they are simpler. A mechanism invol- 
vingClj would not fit all the observations on the phosgene reaction 2 ^. 
Probably, if the other reactions had been as exhaustively investi¬ 
gated, it would have been found that there was no role for X 3 in 
their mechanisms either. 

Our knowledge of the gas phase addition reactions of halogens is 
largely based on the work of Bodenstein, Schumacher, Dickinson 
and their collaborators. Bodenstein’s work was mainly confined 
to the study of the phosgene reactions.* He demonstrated that the 

* For a review and references, see reference 21. 
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reaction was of type lie, determined the ratios of the various rate 
constants and made surprisingly accurate estimates of their absolute 
values. Subsequently Burns and Dainton 20 determined the life¬ 
time of the radicals by the rotating sector technique and thus found 
the following equilibrium and rate constants: 

K 2 = 10 0 * 2 exp (6 200 /RT) mole c.c.- 1 . 

A ;3 = 10 12 ’ 4 exp (— 2 960 /RT) mole -1 c.c. sec -1 
k 6 = 10 14<6 exp (— 830 /RT) mole -1 c.c. sec -1 . 

The algebraic treatment of the results of the sector experiments was 
complicated, because two unlike chain-carriers react to end the 
chain. 

The formation of phosgene is strongly inhibited by oxygen and 
many other substances. Great care has to be taken in purifying 
the reagents if good results are to be obtained. The action of 
nitrosyl chloride as an inhibitor has been quantitatively studied 22 * 23 
and the rate constants for its reactions with the chain carriers, 

Cl + NOC1 = NO + Cl 2 .... ( 8 ) 

COC1 + NOC1 = COCl 2 -f NO (or Cl 2 + NO + CO). . (9) 

have been found to be 

£ 8 = 1013-1 exp (- 1 0601RT) 
and kg = 10 13 * 7 e xp (— 1 140 /RT) mole -1 c.c. sec -1 . 

Schumacher, Dickinson, Rollefson and their collaborators investi¬ 
gated rather completely the chlorinations and brominations of the 
chlorosubstituted ethylenes. Their results are summarized in 
Table 5.4. The most striking features of the results are, first, the 
changes in mechanism and, second, the variations in the activation 
energy differences for the chlorination reactions. It is possible to 
give a plausible explanation of these features which would seem to 
contain some truth, but to which there is a considerable objection. 

The chain ending step in the chlorination of the chloroethylenes 
is, in each case, the reaction 5 of two ABX radicals. This means 
that 

* 5 [ABX ] 2 > * 6 [ABX] [X] or * 5 [ABX] > * 6 [X]. 

Now, there is no reason to suppose that k 5 > k 6 ; in fact the little we 
know about the combinations of atoms and radicals, might encour¬ 
age us to believe that k 6 is probably greater than k 5 . Hence 
[ABX] > [X] and, by definition, /f 2 [AB] > 1. 
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In the chlorination of ethylene, reaction 6 of the chloroethyl 
radical with a chlorine atom ends the chain, hence appreciable 
concentrations of chlorine atoms must be present. Probably the 
relative values of and k§ are the same as in the previous case, 
therefore we may write 

K 2 [AB]~ 1 . 

The chain ending step in the bromination of ethylenes at high 
pressures is the combination, 4, of two bromine atoms. The 
effective rate constant k 4 [ M] is likely to be small compared with 
k 6 at the pressures at which the investigations were conducted, hence 

[X] > ABX and K 2 [AB] < 1. 

Since [AB] is roughly constant, we have 

K 2 (Cl-chloroethylenes) > K 2 (Cl-ethylene) > K 2 (Br-ethylenes). 

This second inequality is certainly correct as all known C—Br 
bonds are weaker than the corresponding C—Cl bonds. 


Table 5.4. The Addition of Halogens to Unsaturated Compounds 


Compound 

| 

Mechanism 

Qiiantum 

yield 

E 3 -1/2E. 

(kcal) 

5 E-2-E. 
(kcal) 

’ Ref. 

Chlorinations 

ch 2 ch 2 

lie 

| 

106-5 



24 

ch 2 chci 

lib 

105-8 

r*>^0 

1 

I 

25 

CHC1CHC1 

lib 

103-8 

3*1 


26,27 

CHC1CC1 2 

lib 

102-8 

5-4 


27, 28 

CC1 2 CC1 2 

lib 

102-5 

7-4 


29, 30 

Brominations 

ch 2 ch 2 

Ilia* (high pressures) 
IIId (low pressures) 

105*3 



24, 32 


ch 2 chci 

complicated, 
not understood 



6-2 

25 

CHClCHClt 

Ilia (high pressures) 

11 Id (l° w pressures) 



31 

33i 34 
35, 36 


CCl 2 CCl 2 t 

CHCH 

| 

Hid 

Hid 

104*6 


5-8 


• Mechanism must be modified to allow for ABX 4- X — inactive, 
t Addition incomplete under normal experimental conditions. 
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Little is known about the strength of the AB—X bonds in the 
chloroethylenes, but something may be deduced from the variation 
of the activation energy differences £ 3 — 1/2 £5. Since £5 is proba¬ 
bly approximately constant, these are variations in £3. Now 
£ 3 a is approximately 7-4 kcal greater than £ 35 . Consequently, the 

C 2 C1 5 + ci 2 = C 2 C1 6 + Cl.(3a) 

strength of the C 2 H 3 C1 2 —Cl bond is probably at least 7*5 kcal 

C 2 H 3 C1 2 + Cl 2 = C 2 H 3 C1 3 + Cl.(3b) 

greater than that of the C 2 C1 5 —Cl bond. It is likely to be some 
15 kcal stronger. We may safely assume that 

£>(C 2 H 4 C1—Cl) - £>(C 2 C1 5 —Cl) > 15 kcal. 

From the heats of formation of the relevant compounds, we find 

A H l0 — A H n = 10 kcal 

C 2 C1 4 + Cl 2 = C 2 C1 6 .... (10) 

C 2 H 4 + Cl 2 = C 2 H 4 C1 2 .... (11) 

therefore, 

£>(C 2 C1 4 —Cl) - D( C 2 H 4 —Cl) > 5 kcal. 

This difference in the heat of dissociation of ABX corresponds to a 
factor of 10 3 in the value of ^ 2 > which is quite sufficient to account 
for the change in the relative concentrations of the chain carriers 
[ABX] and [X] in the two chlorinations. 

Thus, 

* 5 [C 2 C 1 5 ] > * 6 [C1] and A: 5 [C 2 H 4 C1] < * 6 [C1], 

because C 2 C1 5 is more stable than C 2 H 4 C1. The partially chlori¬ 
nated ethylenes form chain carriers ABX of intermediate stability. 

The difficulty, which has been alluded to, is that the strength of 
the AB—X bond may in all cases be so great, perhaps as much as 
20 kcal, that the variations in bond strength would not change the 
proportions of [ABX] to [X] significantly, although they would 
affect the £ 2 ’s iq the manner described. Hitherto, no satisfactory 
answer to this objection has been found, but the experimental fact 
remains that changes in over-all mechanism do occur. Further¬ 
more it seems that the changes may best be understood in terms 
of the treatment given above. Clearly more work is needed. It 
should be possible to determine the rate constants of the elementary 
steps in the chlorination of ethylene, because the reaction is similar 
to the formation of phosgene. 
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I he equilibrium constants for the formation of di-iodides are 
such that the reaction between iodine and an alkene is not complete 
under normal experimental condition S 37.38. The same pheno¬ 
menon was observed with bromine and tetrachlorethylene for the 
same reason ; the heats of addition are small. When a reversible 
leaction is studied it is generally simpler to measure the rate 
constant for the reaction of one molecule rather than of two mole¬ 
cules ; accordingly the decomposition of ethylene di-iodide has 
been investigated more thoroughly than its formation. Studies 
; iave k een made of the kinetics of the photochemical decomposition 
m carbon tetrachloride solution at 100° C3», and of the thermal 
decomposition in the gas phase from 205° to 230° C 40 and in 
carbon tetrachloride solution from 40° to 152° C 4 '. The gas-phase 
combination is heterogeneous at low temperatures^." All the 

observations on the homogeneous reactions fit a mechanism of 
type IIa 4 3.44 # 

Unfortunately, it has as yet proved impossible to determine the 
rate constants of the reactions 2 in which we are most interested. 

It seems that the relative rate constants of the reactions which 
occur in these halogenation systems are such that it is very unlikely 
that values of k 2 ever will be obtained simply. The ratios of the 
rate constants of the elementary reactions involved in the very 
similar additions of trichlorobromomethane in carbon tetrachloride 
solution to some unsaturated molecules are more convenient. It 
is possible to increase the concentration of CC^Br until the com¬ 
bination, 4, of CCI 3 radicals terminates the chains, la ; then k 2 
for the addition of CCI 3 to the double bond may be determined. 
The rate constants are given by 45 - 46 


^2 = 10 8 *8 exp (— 3 400 /RT) for cyclohexene and 


k 2 = KRO^exp (— 6 100 /RT) mole-* c.c. sec- 1 for vinyl acetate. 


5.2 The Addition of Radicals to Carbon—Carbon 

Double Bonds 

There are many reaction systems in which radicals are known to 
add to carbon—carbon double bonds. But the only rate constants 
which have been determined with reasonable accuracy are those 
for the addition of methyl radicals to four unsaturated compounds. 

Mandelcorn and Steacie 47 have compared the rate at which the 
radicals add to the unsaturated compound with the rate at which 
they mutually combine, thus finding the concentration of methyl 
radicals in the usual manner. 
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The rates of addition were found by three methods : the first two 
depend upon striking a materials balance for the methyl radicals 
and the third depends upon measuring the consumption of the 
unsaturate. The methyl radicals released in the photolysis of 
acetone between 100 ' and 280 G may be accounted for by the 
following reactions 48 : 

CH 3 COCH 3 + hv = CO + 2CH 3 .... (1) 

2CH 3 = C 2 H 6 .... (2) 

CH 3 + CH 3 COCH 3 = CH 4 + CH 3 COCH 2 .... (3) 

CH 3 + CH 3 COCH 2 = CH 3 COC 2 H 5 . .... (4) 

To within 3 per cent, (2/? CjH# + /?ch, + ^ch,coc,h 5 ) /Rco =1*90 

When an olefin is present, addition also occurs. For example, with 
ethylene the propyl radical is formed, 5. The presence of ethylene 

CH 3 + C 2 H 4 = C 3 H 7 .... (5) 

will not effect the rate of production of carbon monoxide. So, to 
a first approximation, we may write 

(2 R u ClHt + h 4 + *ch,coc <H5 + K) IR co =1*90, 

where R( is the rate of formation of the addend, in this example 
the propyl radical, and the superscripts u indicate the presence 
of the unsaturated compound. Since the rates of production of 
carbon monoxide, ethane, methane and methyl ethyl ketone may 
be measured, the rate of addition can simply be found. This 
method of striking a balance ignores the consumption of methyl 
radicals by reactions of type 6 . Therefore, R' A will be greater than 

CH 3 -f~ C 3 H 7 = C 4 H 10 .... ( 6 ) 

the true rate of addition, R A . Reaction 3 has a higher activation 
energy than reaction 6 . Consequently E A , the activation energy 
for the addition estimated by this method, will be lower than the 
true activation energy E A . 

It is difficult to determine the quantity of methyl ethyl ketone 
in a large excess of acetone with any great accuracy. The second 
method of measuring the rate of addition obviates the need for this 
determination. Because most of the methyl radicals released form 
either methane or ethane, we may write, for any temperature, 

( 2 /? c , h . + RcH t ) IRco = ( 2 /? c 2 h 8 + R'cH t + R\) IRco, 

where the superscripts indicate the presence of the unsaturated 
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compound. R\ will be lower than R' x ; the difference will be 
greatest at high temperatures, therefore E" K < E' x < E A . 

1 he third method is based on the assumption that one molecule 
of olefin, and one only, is converted into higher boiling material for 
each methyl radical which reacts with an olefin molecule. Both 
the further polymerization, initiated by product radicals, and the 
reactions of acetonyl radicals may also remove unsaturated mole¬ 
cules. Therefore, measurements of the rate of disappearance of 

the olefin place an upper limit, R^', on the rate of addition of 
methyl radicals. 


It can be seen that none of these three methods is applicable if 
methyl radicals rapidly extract hydrogen atoms from the olefins. 

I he third method is independent of the other two, consequently 
the extent to which the results agree is an indication of their validity. 
So far studies of the reactions of ethylene, propylene and butadiene 
only ^ ave been reported. In each case, the values of R' A agree 
fairly well with those of R'f '. The results are given in Table 5.5; 
we will postpone further discussion of them until the reverse decom¬ 
positions of the free radicals have been considered. 


Table 5.5. The Addition of Methyl Radicals to Olefins 


Olefin 

log A 

mole~l c.c. sec~l 

E kcal 

Ethylene 

•r 

11-4 

( 

7-0 ± 1-5 

Propylene 

11-0 

6 -0± 1-0 

Butadiene 

9-9 

2-5 


Reference 48. 


Studies have been reported 49 - 50 of the pyrolysis of di-/-butyl 
peroxide, and of the photolysis of the peroxide and of acetone in the 
presence of large quantities of butadiene. They show that methyl 
radicals add to butadiene more rapidly than do the C 5 H 9 radicals, 
which are formed by the addition of methyl radicals to butadiene. 
This is in keeping with the predictions of transition state theory. 
The addition of a C 5 molecule to a C 4 molecule results in a greater 
loss of entropy than does the addition of a Cj molecule to a C 4 
molecule. The loss is greater because the rotational entropy of a 
C 5 molecule is larger. The activation energies for the addition of 
large radicals to butadiene are probably greater than the activation 
energy for the addition of methyl. 
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5.3 The Addition of Atoms and Radicals to 
Compounds which do not contain Car bo n— 
Carbon Double Bonds 

The kinetics of the additions of atoms and radicals to unsaturated 
compounds, which do not contain carbon—carbon double bonds, 
have not yet been systematically studied. Our knowledge is 
largely derived from scattered investigations, comparatively few 
of which had as their main object the study of these reactions ; 
consequently the work was often not as detailed as could be wished. 
Frequently the products of addition reactions have been detected, 
but no attempt has been made to measure their rates of formation. 
The measurements are difficult because the products of the additions 
are less volatile than the reactants, so it is practically impossible 
to separate them by distillation. In time, this difficulty may be 
overcome by the use of the mass-spectrometer for analyses. The 
instrument is well adapted to the estimation of small quantities of 
substances with moderate molecular weights in the presence of large 
quantities of material of low molecular weight. 

A short list of some of the more important addition reactions 
which have been observed is given below. 

H + CO 

Formaldehyde, glyoxal and polymers are produced by the reaction 
between carbon monoxide and hydrogen atoms when the atoms 
are generated by photosensitization 51 ’ 52 , but not when they are 
generated in a discharge tube 53 . Probably the formyl radicals, 
which are first formed, are destroyed by the hydrogen atoms when 
these are present in high concentrations. Farkas and Sachsse 54 
estimated that one collision of type 1 in 3700 yielded a formyl 
radical at 20° C. 

H + CO + M = HCO + M (M = CO + H 2 ). . . (1) 

CH 3 + CO 

The photolysis of ethane in the presence of carbon monoxide yields 
acetone, a product which can only be obtained by way of the 
initial addition of a methyl radical to carbon monoxide 55 . 

ch 2 + CO 

Methylene bi-radicals produced by the photolysis of ketene react 
with carbon monoxide, yielding ketene 56 . 
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H + O, 

I he combination of a hydrogen atom with an oxygen molecule in 
the presence of a third body is one of the reactions believed to occur 
in the slow thermal oxidation of hydrogen. When hydrogen is 
the third body, the rate of the reaction is 10 1 3-1 mole- 2 c.c. 2 sec- 1 
at 530° C 57 . 

ch 3 + o 2 

The rate constant for the reaction of methyl with oxygen has been 
related to the rate of reaction of methyl with acetone 58 . The method 
was very similar to that by which the rate of reaction of methyl 
with nitric oxide was related to the rate of combination of methyl 
radicals. It might have been expected that the same sort of method 
would be suitable for oxygen. The oxygen molecule contains 
unpaired electrons and this reaction like the preceding one should, 
perhaps, be regarded as a radical combination rather than an 
addition. The rate constant is given by 

k — 10i 0*9 exp (T 500//?7“) mole -1 c.c. sec -1 . 

The parallel reactions of large allylic radicals with oxygen in solution 
have rate constants of the order of 10 9 * 5 mole -1 c.c. sec -1 at 25° C 
and low activation energies 59 . 

GH 3 + CH 3 —N=N—CH 3 

The photolysis of azomethane yields tetramethyl hydrazine 6 ^. The 
addition of methyl to the N=N bond is presumably the first 
step towards its formation. Plausible assumptions may be made 
about the reactions by which the large radicals, formed by methyl 
and azomethane, disappear. Then the number of methyl radicals 
which add to azomethane or, alternatively, the amount of tetra¬ 
methyl hydrazine formed may be found. Thus the rate of addition 
of methyl radicals may be compared with their rate of mutual 
combination. Hence, it is found that the rate constant for the 
addition is given by 61 

k = 10 10 * 7 exp (— 6 300 /RT) mole -1 c.c. sec- 1 . 

H + C 2 H 2 

Acetylene reacts with low concentrations of hydrogen atoms pro¬ 
duced by mercury photosensitization to yield ethane, butane, 
partially hydrogenated polymer, and some volatile unsaturated 
hydrocarbons 62 - 63 . Presumably the first step towards the formation 
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of these products is the addition of a hydrogen atom to acetylene. 
When the concentration of hydrogen atoms is high, only very small 
quantities of hydrogenated products are formed 64 ' 65 , although the 
acetylene catalyses the combination of the atoms and exchange 
occurs readily between deuterium atoms and acetylene 66 . The 
mechanism of the reactions has not been firmly established. 11 seems 

likely that reaction 2 is followed by reaction 3, when large quantities 

H + C 2 H 2 = C 2 H 3 . .... (2) 

of hydrogen atoms are present, but by reaction 4, when the concen- 

C 2 H 3 + H = C 2 H 2 + H 2 .(3) 

tration of atoms is small. Dingle and Le Roy 67 found that the rate 

C 2 H 3 + H 2 = C 2 H 4 + H.(4) 

of the catalysed combination of hydrogen atoms is proportional to 
the first power of the concentrations of hydrogen atoms and of 
acetylene molecules. The rate constant of the rate determining 
step, which is presumably reaction 2, is given by 

k = 109-9 exp (— 1 800 /RT) mole- 1 c.c. sec -1 . 

ch 3 + c 2 h 2 

Mandelcorn and Steacie 48 found that the rate constant for this 
reaction is given by k = 10 11#0 exp ( — 5 500 /RT) mole -1 c.c. sec -1 . 

no 2 + c 2 h 2 

The rate constant for the addition of nitrogen dioxide to acetylene 68 
is given by k = 10 12 * 1 exp (— 15 000 /RT) mole- 1 c.c. sec- 1 . The 
reaction is the first step in the oxidation of acetylene by nitrogen 
dioxide. 


5.4 The Unimolecular Decompositions of 

Free Radicals 

The majority of unimolecular decompositions of free radicals that 
have been investigated fall into two classes. The first class com¬ 
prises those decompositions in which the radicals lose methyl 
radicals and have activation energies of 15 to 25 keal. The second 
class comprises those in which a hydrogen atom is lost ; they have 
activation energies around 40 keal. This difference in the activa¬ 
tion energies is of the same size as the difference between the strengths 
of the G—G and C—H bonds. The difficulties associated with the 
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study of these reactions are those which are usually encountered in 
the study of large radicals ; but they are enhanced because most 
of the decompositions only take place at conveniently measurable 
rates at tempeiatures above 200° C. The high temperature promotes • 
side reactions. The radicals are usually produced photolytically, 
because only rarely do both a pyrolytic radical source and the 
derived radicals decompose at convenient rates at one temperature. 

I he most extensive investigations are those of Bywater and 
Steacie. They produced radicals from ethane**, propane™ butane, 
and 2 -methylpropane 71 by mercury photosensitization at tempera¬ 
tures from 30 to 500 C. At room temperature, the reaction of 
the excited mercury atoms with the alkanes yields hydrogen atoms 
and alkyl radicals, 1. The hydrogen atoms may either combine 

Hg* + RH = R + H + Hg.(1) 

in a three-body collision, 2 , or form hydrogen by abstraction of a 
hydrogen atom from a fresh molecule of alkane, 3. The alkyl 

H + H + M = H 2 + M. .... (2) 

H + RH - R + H 2 . .... (3) 

radicals are removed by interaction, either combination or dis¬ 
proportionation, 4. At higher temperatures, the proportion of 

R + R = R 2 or RH + (R - H). (4) 

hydrogen atoms which react with alkane molecules will increase 
until the quantum yield for the production of hydrogen molecules 
approaches the theoretical maximum value of unity. For our 
present purpose it is most convenient to treat this variation as if it 
were caused by a variation of the initial quantum yield with tem¬ 
perature and pressure. It is important that only a very small 
proportion of the alkane should be decomposed in the course of 
the experiment, for both hydrogen and the alkenes formed have 
quenching cross-sections considerably larger than that of the alkane. 

As the temperature is raised still further, a point is reached at 
which the radical, R, begins to decompose into a small radical 
fragment, which is usually a hydrogen atom or a methyl radical, 

R', and an alkene, P. At these temperatures R' reacts almost 

R = R' + P. .... (5) 

instantaneously with a molecule of alkane, to yield the low boiling 
product R'H and more R, by the chain-carrying reaction 6. At 

R' + RH = R'H + R. [ . . . (6) 
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the end of the run, R'H may readily be separated by low temperature 
distillation and measured. It follows from this scheme that the 
number of radicals removed by combination or disproportionation, 
at low temperatures, is equal to twice the number of molecules of 
hydrogen formed. This equality holds at higher temperatures, 
until the chain decomposition of radicals becomes important. 
Since the only chain-ending step that is postulated is the interaction 
of two radicals R, the number of radicals which combine and dispro¬ 
portionate is, at all temperatures, equal to twice the number of 
‘ non-chain ’ hydrogen molecules that are formed. At low tem¬ 
peratures, the amount of ‘ non-chain ’ hydrogen may be measured 
directly. At higher temperatures, as may be seen from Figure 5.2 , 
it may be estimated by extrapolation. 


Figure 5.2. The rate of 
production of molecular 
hydrogen in the mercury 
photosensitized decom¬ 
position of alkanes at 
high temperatures. 



The number of radicals, R, which decompose, 5, is equal to the 
number of molecules of R'H formed. If R'H is methane or ethane, 
its rate of formation may be measured directly. If it is hydrogen, 
its rate of formation is obtained by subtracting the rate of production 
of ‘ non-chain ’ hydrogen from the total rate of production. 

In brief, we have 

= Rate of formation of* non-chain ’ hydrogen. 

^R'H = Rate of formation of R'H 

or = Total rate of formation of H 2 — Rate of formation of 

* non-chain 5 H 2 

= Rate of decomposition of R radicals. 

Provided the intensity of the actinic radiation is constant, 

R Rt = ^[R] 2 and R r > h = A: 5 [R]. 

k 5 = k^}! 2/? R / H /R r% 1 2. 
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Hence, A 5 may be found in terms of k 4 * From a study of the 

temperature coefficient, A 5 /A 4 ' 2 and E 5 - 1 /2 £ 4 may also be 
found. If the rate constants are to be in the usual units, the rates 
of formation of the products must be expressed in mole c.c .- 1 sec- 1 . 
I o do this, the effective reaction volume, which will depend upon 
the legion in which the light is absorbed and on other factors, such 
as diffusion, must be determined. If, as is usual, the concentration 
of mercuiy atoms in the reaction vessel is that corresponding to the 
saturated vapour pressure of mercury at room temperature, 95 per 
cent of the mercury resonance radiation will be absorbed in the first 
5 mm of the cell. Diffusion will of course tend to disperse the 
radicals but it is probably fair to assume, as is done in this chapter, 
that the reaction zone extends 2*5 cm from the window into which 
the light shines. If the reaction zone in fact extended only 0-6 cm 
into the cell, the rate constants given here should be multiplied by 

( 4 ) 1 / 2 . 

I he rate factors of reaction 4 must either be measured or 
assumed, if those of reaction 5 are to be found. In the absence 
of any precise measurements, we shall assume that the rate factors 
for the combinations of the higher radicals are the same as those for 
the combination of methyl radicals, namely : 

A 4 = 10 1 2-1 mole - 1 c.c. sec -1 and E 4 = 0 keal. 

The value for the activation energy is probably approximately 
correct ; that for the A factor can only be regarded as a maximum 
value, consequently all the derived values of A 5 will also be maximum 
values. The activation energies which are deduced from the experi¬ 
mental results are approximately independent of the assumptions 
which are made about the effective reaction volume and of its slight 
variation with temperature. The results which have been obtained 
by this method are given in Table 5.6. 

One of the drawbacks of the method is that it is never known 
for certain what radicals are present in the reaction system. For 
instance, it is not known whether the reaction of excited mercury 
atoms with propane, at these temperatures, yields CH 3 CH 2 CH 2 or 
CH 3 CHCH 3 . When the chains are long, most of the propyl 
radicals are formed by the reaction of methyl radicals or hydrogen 
atoms with propane. Methyl radicals are known to attack secon¬ 
dary hydrogens preferentially at lower temperatures ; hydrogen 
atoms are probably less discriminating. Some direct information 
on this point may be obtained by analysis of the dimers. But, apart 
from the difficulties of analysing mixtures of isomeric hexanes, the 
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interpretation of the results of analyses is doubtful, because there is 
no reason to believe that the isomeric radicals have identical rate 
constants for combination and disproportionation. 


Table 5.6. The Decomposition of Alkyl Radicals 


Large Radical = Olefin -j- Small Radical .... (5) 


Large Radical 

c —h 

bond 

a// 5 

(exp) 

log A h 
(max) 

Ref 

log/t-s 

(calc) 

_ 

log A 
(exp) 

E-> 1 

(exp) 1 

Ref 

Loss of H atom 

C 2 H 5 

97-5 | 

39 

39-5 

13*8 

69 

13 

13*5 

4*1 

1 

h-C 3 H 7 

99 | 

35 

j 38 

14-4 

70 

13 

( 14.4 

(5-0 

1 

ch 3 chch 3 

94 

40 1 

(38 

14-4 

70 

13 

t 14*4 

15-0 

7 

n-C 4 pl 9 

101 

31-33 

high 

< 

71 


— 



g 2 h 5 chgh 3 

94 

38-40 

high 


71 



— 


(CH 3 ) 2 CHCH 2 

100 

32 

< 40 

15-4 

71 

14 




(CH 3 ) 3 C 

90 

42 

140 

15*4 

71 

14 


— 


Loss of CH 3 radical 
h-C 3 H 7 

99 

23 j 

20, 

9-0 

70, 








19 


74-75 

6 

11-4 

7-0 

47 

ch 3 chch 3 

94 

28 

(20 

9*0 

70 

6 

( 

— 


rt-C 4 H 9 * 

101 

I 

18 

(23 

11*0 

71 

8 


— 


c 2 h 2 chch 3 

94 

25 

(23 

11-0 

71 

8 

(11*0 

6*0 

47 

(CH 3 ) 2 CHCH 2 

100 

21 

18*5 

8-5 

71 

5 

(11*0 

6-0 

47 

(CH 3 ) 3 C* 

| 90 

32 

18-5 

8-5 

; 71 

5 

1 


— 


Loss of C 2 H 5 radical 

n- C 4 H 9 

101 

| 

19 

<23 

11*0 

1 

1 71 

8 




c 2 h 5 chch 3 

94 

26 

1 

(23 

11-0 

71 

8 

_ 

I 

1 

— 



‘ C—H bond ’ is the strength of the R—H bond that must be broken to form the 
radical. 

Units : C—H bond, A H 5 and E, kcal ; A s , sec -1 ; A- 5 , mole - * c.c. sec -1 . The 
bracing together of two results indicates that it is uncertain which of the two 
radicals decomposed or was formed. 

* The unsaturated fragment must rearrange to form a stable alkene. The 
thermochemistry of the reactions requires that if a C — H bond in the alkane which 
must be broken to form the radical is stronger than has been assumed, then A //2 
must be correspondingly lower. 

Values of log (max) calculated by Trotman-Dickenson84. The values of A 
given in this note are 100*5 too great. 

Values of log A — 5 (calc) calculated from the entropy changes 1 . 


The decompositions of CH 2 OGH 3 72 and CH 2 OH73 have also 
been investigated by this method. 
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No other general method has been developed for the investigation 
of the decompositions of free radicals, but some quantitative infor¬ 
mation can be derived from a variety of sources. The activation 
energy of 20 kcal for the decomposition of a propyl radical has been 
confirmed by two independent determinations. The first is based 
on the analysis of the products of the photolysis of di- 7 z-propyl 
ketone 74 . The rates of formation of ethylene from the decomposition 
of the radicals and of hexane from their combination were measured. 
I he difference in the activation energies for the two processes is 
20 kcal. In the same series of experiments, the activation energy 
for the decomposition of C 3 H 6 COC 3 H 7 was shown, by a rather 
similar argument, to be 10 kcal. 

I he second method, by which the activation energy for the 
decomposition of the rt-propyl radical has been confirmed, should 
be of more general application. Propyl radicals were generated by 
the flame reaction of propyl bromide with sodium in a flow system 75 . 
The radicals passed through a tube maintained at a known tempera¬ 
ture. At the exit, the radical reactions were quenched by the injec¬ 
tion of radioactive iodine into the stream of gas. Conditions were 
so adjusted that few radicals combined and the propyl radicals 
either yielded propyl iodide or, after decomposition, methyl iodide. 
The very small quantities of these products could be measured by 
radiochemical techniques, and the proportion of propyl radicals 
decomposing, in a given time at the known temperature, determined. 
The activation energy of the decomposition was thus found to be 
19 kcal ; no absolute rate constants have yet been reported. As 
yet, little reliable quantitative work has been done on the reactions 
of radicals generated by the sodium flame technique ; but this source 
presents great possibilities. An almost unlimited variety of free 
radicals of known structure, most of which cannot be obtained by 
pyrolyses or photolyses, may be produced. 

Molecular iodine reacts rapidly with free radicals forming iodides 
and iodine atoms. Because iodine atoms are unreactive, iodine 
may be used to quench free radical reactions. Thus, the radicals 
formed in a primary photolytic act may be identified by analysis of 
the iodides. This technique has been applied to the study of the 
decompositions of radicals generated by photolyses in static systems. 
Most work has been done by Gorin and by Blacet and his collabor¬ 
ators on the photolyses of aldehydes and ketones. Generally, a 
mixture containing 100 to 400 mm of the oxo-compound and 2 to 
4 mm of iodine vapour is partially photolysed and the mixture of 
product iodides analysed. The analyses, which Gorin perforce 
did by ordinary distillation techniques, are now more accurately 
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and rapidly accomplished either with a mass-spectrometer or by 
radiochemical methods. Gorin 76 attempted to determine the 
activation energy of the decomposition of acetyl radicals by com¬ 
paring the rates of formation of carbon monoxide and acetyl iodide. 
Subsequent more accurate work 77 - 78 has shown his determinations 
to be unreliable. 

In principle, it should be possible to relate the rate of decom¬ 
position of acetyl radicals, formed in the low-temperature photolysis 
of acetone, to their rate of combination. If the activation energy of 
the combination is assumed to be zero, that of the decomposition 
may then be found. The complications which might arise through 
a carry-over of energy from the initial photolytic act have already 
been described in section 4.7. Furthermore, it is uncertain whether 
the combination of acetyl radicals takes place homogeneously or 
largely on the walls of the reaction vessel ; the nature of the surface 
of the reaction vessel seems to have an unusual effect on the behaviour 
of systems involving this radical. The most reliable results on the 
low-temperature photolysis of acetone 79 can be plausibly interpreted 
as yielding a value for the activation energy of the decomposition of 
anywhere between 10 and 17 kcal. 

The best value of the activation energy appears to be 16 ±2 kcal, 
obtained by Marcotte and Noyes 80 . They related the activation 
energy for the decomposition to that for the reaction of the acetyl 
radical with oxygen, which is almost certainly a reaction with zero 
activation energy. The value of 16 kcal is compatible with a 
frequency factor of about 10 12 sec -1 . 

The activation energy for the decomposition of the formyl 
radical is even less well known than that of the acetyl radical, 
partially because the systems in which it has been investigated 
have often been complex. From observations on the comparatively 
simple photolysis of formaldehyde, Calvert and Steacie 81 showed 
that the activation energy is 13-5 kcal if the heterogeneous de¬ 
struction of formyl radicals has no activation energy. Blacet and 
Calvert 82 reached the same conclusion from studies of the photo- 
lyses of the butyraldehydes. Marcotte and Noyes 80 also deduced 
an activation energy for the decomposition of about 14 kcal on the 
assumption that the reaction of formyl radicals with molecular 
oxygen has no activation energy. Both the heterogeneous reaction 
and the reaction with oxygen are likely to require no activation 
energy, therefore 14 kcal could be accepted as the activation energy 
for the decomposition, but this activation energy is lower than 
that for the decomposition of acetyl radicals. All known C—H 
bonds are at least 10 kcal stronger than the corresponding C—C 
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bonds. 1 herefore it would be expected that the formyl decompo¬ 
sition would have an activation energy of some 26 kcal. Moreover 
if the value of 14 kcal is correct then the CH 3 —CHO bond must be 
at least 7 kcal stronger than the CH 3 —COCH 3 bond, which seems 
improbable. Clearly, more work is required. 

A lower limit can be placed on the activation energy of the decom¬ 
position, 7, of the /-butoxy radical by comparing the rate of 7 

(CH 3 ) 3 CO = CH 3 + (CH 3 ) 2 CO. (7) 

with that of reaction 8 . It has been founds that E 7 — E s = 12 

(CH 3 ) 3 CO + (CH 2 ) 2 NH = (CH 3 ) 3 COH + C 2 NH 4 .( 8 ) 

kcal. If it is assumed that the rate factors for reaction 8 are the 
same as those for the corresponding reaction of methyl radicals, 
then k~j = 10 9 * 7 exp (— 17 000 /RT) sec -1 . The true values of A 7 
and E-j may be smaller than those given in this expression. The 
results of studies on the decompositions of some free radicals are 
listed in Table 5.7. 


Table 5.7. The Decompositions of Some Free Radicals 


Decomposition 

1 

C—H 
kcal 

kcal 

I 

E exp 
kcal 

Ref. 

HCO = 

H + CO 

86 

i 20 

14 

1 

80-82 

CH 2 OH = 

H + CH 2 0 

96* 

: 29 

29 

73 

CH 3 CO = 

ch 3 + CO 

86 

12 

16 

80 

CH 2 OCH 3 = 

ch 3 + ch 2 o 

82* 

19 

19 

72 

(CH 3 ) 3 CO = 

CH 3 + (CH 3 ) 2 CO 

107 

2 ! 

17 

83 

C 2 H 5 COC 2 H 4 = 

c 2 h 5 co + c 2 h 4 

— 

— 

17 

85 

n-C 3 H 7 COC 3 H 6 = 

*-c 3 h 7 co + c 3 h 6 

1 

1 



10 

1 

74 


C—H is the strength of the R—H bond that must be broken to form the radical. 

* These bond strengths were derived on the assumption that AH = E, or in 
other terms, that the addition of the radical fragment to CH 2 O has no activation 
energy. There is evidence that the A factors for both these decompositions are 

low 86 . 


The results listed in Table 5.7 are not in accord with either the 
relation between the activation energies of the forward and back 
reactions or that between their A factors. We may now inquire 
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into the reasons for the discrepancies. The most reliable results 
are those on the addition of methyl radicals to alkenes. They 
provide the most secure basis for discussion. 

The quantity which was most directly determined in the decom¬ 
position experiments was A 5 /A 4 1 2 . In order to obtain a value for 
k$ it was assumed that k 4 = 10 13 * 7 mole -1 c.c. sec -1 . Now, if the 
values of E- S for the methyl reactions are correct, then, because 
A H 5 = E s — E - 5 , the values listed for E 5 for the loss of methyls 
are 8 to 10 kcal too low. If we accept this emendation, the values 
of must be raised 10^ or 10 4 . Then they would be of the 4 nor¬ 
mal’ magnitude. The values of A_ 5 (calc) would be raised pro¬ 
portionately and would then be in better agreement with the 
experimental values. No agreement will be obtained unless the 
assumption that the radicals combine on almost every collision is 
correct. Consequently, the results provide evidence that A *4 
approaches 10 14 mole -1 c.c. sec -1 . However it can be shown, from 
thermochemical arguments, that the activation energies for the 
dimerizations of sterically hindered radicals, such as (C^^C, must 
be a few kilocalories. 

The discrepancies in the data on the loss and addition of hydro¬ 
gen atoms are much less pronounced. Probably an experimental 
error of ± 3 kcal should be assigned to the values of E$. If this is 
done, the pattern of results appears coherent though ill-defined. 
The agreement is, again, only obtained by assuming that k 4 
approaches the rate of collision. 

These arguments and deductions are very speculative. They 
have been set out because they serve to point to the need for more 
accurate experimental investigations of the reactions. 
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Acetaldehyde, chain decomposition, 

150, 151 
with NO, 156 

photolysis, 119, 120, 196, 197, 
199-202,210,251 
with H, 177 

with methyl, 201-203 
with nitrogen dioxide, 212 
Acetate radical, 207 
Acetates, 129 
Acetic acid, 130 
Acetic anhydride, 131 
Acetone, as inert gas, 79 

chain decomposition, 150, 151 
AHf°, 12 

photolysis, 117-119, 122, 194, 
196-205, 207, 239, 250, 252, 
255, 295, 296, 305 
with H, 177 

with methyl, 197-199, 201, 203, 
204, 206 

Acetonyl, combination, 121 
with methyl, 121, 198 
Acetyl bromide, AHf°, 12 
Acetyl iodide, AHf°, 12 
Acetyl peroxide, 197 
Acetyl radicals, 252, 253 
AHf°, 15 

pyrolysis, 210, 305, 306 
Acetylene, bromination, 291-293 
with H, 298, 299 
with methyl, 299 
with nitrogen dioxide, 299 
Acetylene dichloride, bromination 
291-293 

chlorination, 291-293 
AHf°, 12 

isomerization, 138, 139 
with Na, 218, 220 
Acrolein, 131, 134 
Activated complex, 26ff, 134-137 
217, 220, 237, 261 
entropy of, 34-36 


Activated molecule, 47fl 
concentration, 55 
deactivation, 54 
decomposition, 55 
definition, 53 
lifetime, 55, 56, 176, 177 
reaction rate, 51, 56 
Activation energy 

and A factors, 160, 161 
and bond strength, 45 
and energy barrier, 32, 48 
and heat of activation, 32 
and heat of reaction, 136, 137, 
228-232 

and zero-point energy, 174 
calculation of, 36-43, 134-137, 
228, 238, 261, 282 
definition, 6-8 
experimental, 55 
variation with pressure, 63, 64 
Addition of atoms. 

to C—C double bonds, 283-294 
to other bonds, 297-299 
Addition of radicals, 281-283 
to C—C double bonds, 294-296 
to other bonds, 297-299 
Adiabatic reaction, 26, 140 
A factor, 48 

abnormal, 50, 158, 191-193, 227 
and activation energy, 159, 160 
and entropy changes, 16, 125, 
126, 132-134, 187,281,282,303 

and entropy of activation, 125, 
126, 132-134, 158, 187, 296 
constancy, 108, 112, 113, 187, 230 
definition, 6 
dimensions, 6 
normal, 46, 50, 223, 261 
of metathetical reactions, 225-228 
Alcohols 
AHf°, 12 
pyrolysis, 129 
with methyl, 201, 225 
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Aldehydes, AHf°, 12 
photolysis, 195, 233, 251, 304 
pyrolysis, 153 
trimers, 131 

Alkanes, pyrolysis with NO, 153— 
160 

table, 157 

with Br, 191-194, 231 
table, 191 

with Cl, 187, 188, 230, 231 
with excited atoms, 245, 246 
with excited sulphur dioxide, 248, 

249 

with H, 174-181, 231 
tables, 177, 179, 225 
with methyl, 198, 199, 203, 204, 
224, 225, 230, 231 
table, 199, 200 
with nitrogen dioxide, 212 
Alkcnes, with excited sulphur di¬ 
oxide, 248 

with H, 179, 283-287 
with methyl, 200, 225, 227, 228, 
294-296 

Alkyl bromides, as inert gases, 87 
AHf°, 12 

pyrolysis, 129, 136, 158 
Alkyl chlorides, as inert gases, 87 
chain decompositions, 147-150 
AHf°, 12 

pyrolysis, 129, 136, 158 
with Na, 215-219, 225, 230 
Alkyl iodides, as inert gases, 87 
AHf°, 12 

pyrolysis, 106, 107, 230 
with hydrogen iodides, 258, 259 
with iodine, 241 

Alkyl nitrites, decomposition, 100- 
102 

mechanism, 101 
Alkynes, with methyl, 200, 225 
Allene, AHf°, 12 
Allyl, 156 

Allyl bromide, AHf°, 12 
pyrolysis, 111 
Allyl chloride, AHf°, 12 
with Na, 218 
Allyl cyanoacetate, 131 
Allyl iodide, AHf°, 12 
with iodine, 241 
Allyl malonitriles, 131 
Allylic radicals, with oxygen, 298 


Amines, with boron trifluoride, 123 
126 

with Hg, 245 

Ammonia, with methyl, 201 
Analytical techniques, improve¬ 
ments, 3 
Arcs, 243 

Arrhenius equation, 6 
inadequacy of, 8, 256, 257 
modifications to, 7, 8 
Aryl iodides, 241 
Atoms, combination of, 85-90 
AHf°, 15 

metathctical reactions, 168-195 
Autoxidation, 125, 230 
Azo compounds, photolysis, 195 
pyrolysis, 195 

Azoethane, photolysis, 207, 208 
with ethyl, 208 

Azomethane, photolysis, 196, 197, 
200-202, 204, 255, 298 
pyrolysis, 69-71, 84, 111, 143, 
197 

with methyl, 201, 203, 204, 298 

Azo-/j 0 -propane, photolysis, 211, 

236 


Benzene, as inert gas, 87-89 
energy transfer, 91 
with excited atoms, 245 
with H, 175, 177, 287 

with methyl, 201, 206 
Benzoyl chloride, 111 
Benzyl acetate, 111 
Benzylamine, 111 
Benzyl benzoate, 111 
Benzyl bromide, AHf°, 12 
pyrolysis, 110, 111 
Benzyl bromides, 112 
Benzyl chloride, AHf°, 12 
pyrolysis, 111 
with Na, 218 
Benzyl iodide, AHf°, 12 
with iodine, 241 

Benzylmethyl ketone, 111 

Biacetyl, 143, 151 
photolysis, 202 
pyrolysis, 111 

with methyl, 202, 238 
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Bimolecular reactions, collision 
theory, 23-25 
Bond dissociation energy 

= bond strength, 11—15, 181, 189, 
192, 193 

table, 15 

determination, 14 

Bond energy, see bond dissociation 
energy or mean bond energy 
Borine, with borine carbonyl, 241, 

242 

with diborane, 241, 242 
Borine carbonyl, 241, 242 
Boron trifluoride, with amines, 

123-126 

Brominations, 89, 189, 194 
of ethylenes, 291-293 
Bromine, with H, 189-191 
with nitric oxide, 267, 272 
with Na, 214 
with radicals, 190-194 
Bromine atoms, combination, 85-90 
AHf°, 15 

metathetical reactions, 189-195, 
225-227, 231, 232 
table, 191, 225 
with alkanes, 225, 231 
with sodium, 214 
10-Bromoanthracene, 111 
Bromobenzene, AHf°, 12 
pyrolysis, 111 
with Na, 216, 219 
Bromobenzenes, pyrolyses, 111 
with Na, 219, 220 
10-Bromophcnanthrene, 111 
Butadiene, AHf°, 12 
dimerization, 131 
with acrolein, 131,134 
with ethylene, 128, 131, 132, 134, 
137 

with methyl, 296 
rt-Butane, with excited atoms, 245 
with excited sulphur dioxide, 240 
with H, 177, 179 
with Hg, 300 
with methyl, 200, 224 
with nitric oxide, 155, 157 
1-Butene, entropy, 133 
with excited atoms, 245 
with excited sulphur dioxide, 248 
with H, 236, 287 
with methyl, 200 


2-Butene, isomerization, 138-139 
pyrolysis, 111 
with excited atoms, 245 
with H, 179, 287 

with methyl, 200 
/-Butoxy, AHf°, 15 
pyrolysis, 306 
with ethylene imine, 306 
Butyl, AHf°, 15 

disproportionation, 236 
pyrolysis, 303 
/-Butylamine, 130 
H-Butyl benzene, 11 1 
/-Butyl benzene, 112 
/-Butyl bromide, AHf°, 12 
pyrolysis, 129 
«-Butyl chloride, AHf°, 12 
pyrolysis, 129 
with Na, 218 
/-Butyl chloride, AHf°, 12 
pyrolysis, 1, 129, 136 
with Na, 218 
j^c-Butyl iodide, 240 
/-Butyl iodide, AHf°, 12 
Butyl nitrite, 101 
Butynes, with methyl, 200 
Butyraldehyde, 133 
AHf°, 12 

photolysis, 210,211, 236, 251, 305 
Butyryl, 210, 211 


Cadmium atoms, excited, quench¬ 
ing, 245-248 
Cage effect, 205, 206 
Carbon dioxide, as inert gas, 84, 87 
energy transfer, 91 
Carbon monoxide, as inert gas, 84 
with chlorine, 223 
with H, 297 
with Hg, 245 
with methyl, 297 
with methylene, 297 
with nitrogen dioxide, 220, 221 
Carbon tetrachloride, with methyl, 
206 

with Na, 218 

Carbon tetrafluoride, energy trans¬ 
fer, 91 

with Na, 219 
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Chain decompositions, 142-153 
mechanisms, 145-153 
tests for, 143-145 
Chloral, with nitric oxide, 212 
Chloric oxide, 259-261 
Chlorination reactions, 181-188 
of ethylenes, 291-293 
Chlorine, with carbon monoxide, 

223 

with chloroformyl, 220, 223, 261, 
291 

with hydrogen, 181-186 
with H, 184, 185 
with nitric oxide, 220, 265-267, 
269, 271, 272 
with Na, 213, 214 
Chlorine atoms, combination, 90 
AHf°, 15 

metathetical reactions, 181-188, 

226, 230-232 

with chloroformyl, 220, 223, 291 
with nitrosyl chloride, 220, 291 
with sodium, 214 
Chlorine dioxide, as inhibitor, 182 
with fluorine, 220 
Chlorobenzenes, with Na, 219, 220 
Chlorobromomethane, pyrolysis, 

112 

with Na, 217, 218 
Chloroform, with Br, 191 
with Cl, 186 

with methyl, 202 
with Na, 218 
Chloroformates, 131 
Chloroformyl, 223 
with chlorine, 220, 223, 261, 291 
with Cl, 220, 223, 291 
with nitrosyl chloride, 220, 291 
with oxygen, 259, 260 
Chlorohydrocarbons, chain decom¬ 
position, 147-160 
AHf°, 12 

pyrolysis, 129, 136, 158, 160, 161 
Collision diameters, 23, 25, 82 
energy of, 23-24 
rate of, 23-25 
theory, 23-25 

and transition state theory, 

29-31 

of termolecular reactions, 268 

Collision yields, 175-177, 179, 284, 
287 


Contact time, 106, 175 
Cracking, atomic, 82, 176 
Crotonaldehyde, 131 
Cumene, 112 
Cyanides, with Na, 219 
Cyclanes, with Hg, 245 
Cyr/obutane, as inert gas, 87 
AHf°, 12 
entropy, 133 
perfluoro-, 131 
pyrolysis, 68, 69, 84, 131 
with H, 177 
with methyl, 200 
Cy^/ohexane, as inert gas, 87, 89 
entropy, 133 
with H, 177, 178 
with Hg, 236 

with methyl, 200, 206 

Cyr/ohexene, 131, 134 
as inhibitor, 144 
with H, 287 

with trichlorobromomethane, 294 
Cyr/opentadiene, 131, 134 
Cyr/opentane, with Cl, 188 
with H, 177 
with Hg, 236 

with methyl, 200 
Cyr/opentene, 129 
Cyr/opropane, as inert gas, 87 
AHf°, 12 

isomerization, 60, 61, 65-68, 69, 
84 

theory of, 60, 61, 67, 68 
with H, 177 
with methyl, 200 
Cyclyl radicals, 236 


Decyclizations, 131, 133 
Detailed balancing, 16, 126, 263 
Deuterium compounds, 172-174, 
177-180, 186, 191, 199-204, 208, 
209, 235, 236, 241,299 (for indivi¬ 
dual compounds see corresponding 
hydrogen compounds) 

Di-/-amyl peroxide, 207 
Diborane, 241, 242 
Di-/*-butyl mercury, 236 
Di-/-butyl peroxide, 143, 151 
AHf°, 12 
photolysis, 296 
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pyrolysis, 99, 100, 105, 110, 122, 
197, 201, 202, 296 
with methyl, 202, 203 
Diels-Alder reactions, 131, 137 
Dienes, 131, 134 
Diethyl ketone, AHf°, 12 

photolysis, 207-209, 235, 236 
with ethyl, 207-209 

with methyl, 202 

Diethyl mercury, photolysis, 120, 

207, 208, 235, 236 
pyrolysis, 236 
with ethyl, 121, 208 
Diethyl peroxide, AHf°, 12 
pyrolysis, 100, 101, 111 
Diffusion flame technique, 123, 124, 
214-220 

optimum conditions, 215, 216 
Dilute flame technique, 125, 213, 
214 

Dimethylamine, with methyl, 201 

2.2- Dimethylbutane, with methyl, 
200, 204, 224 

with nitric oxide, 157, 158 

2.3- Dimethyl-2-butene, 200, 287 
Dimethyl cadmium, photolysis, 199, 

202 

Dimethyl citraconate, 139 
Dimethyl ether, with methyl, 201 
Dimethyl maleate, 138, 139 
Dimethyl mercury, 143 

photolysis, 120, 122, 196, 197, 
199-202, 204, 205, 255 
pyrolysis, 105, 111 
with H, 177 

with methyl, 202-204, 239 
2,2-Dimethylpropane, see Neopen¬ 
tane 

Diphenyl, substituted, 140 
Di-fjo-propyl ether, with methyl, 
201 

Di-n-propyl ketone, AHf°, 12 

photolysis, 210, 236, 239, 251, 
305 

Di-w-propyl mercury, pyrolysis, 111, 

210 

photolysis, 210, 236 
Di-/z-propyl peroxide, pyrolysis, 100 
Discharge tube, 170, 171, 174-178, 
185, 297 

Disproportionation, 232—237 
Drying, intensive, 184, 265 


E , definition, 6 
Electron impact, 14 
Elementary reaction, definition, 1 
criterion, 2 
Energy barrier, 28 
Energy transfer, see also excited 
species 

and temperature, 89 
and transition state theory, 64 
effect of impurities, 91 
experimental work, 64-93 
in reactions, 53-90, 158, 159, 254, 
255 

theory, 53-64 
intermolecular, 82-93 
theory, 53-64 
rotational, 90-91 
vibrational, 91-93 
Entropy, 16-19 
calculation, 17-19 
of activated complexes, 34-36, 
187, 271 

of activation, 32ff, 125, 126, 

132-134, 158, 187, 296 
calculation of, 33-36 
of normal molecules, 18-19 
of radicals, 33 

Entropy changes and A factors, 16, 
125, 126, 132-134, 187, 281, 282, 
303 

Ethane, chain decomposition, 144, 
150-152 

energy transfer, 91 
photolysis, 195, 297 
pyrolysis, 69, 78, 79, 125, 126 
with nitric oxide, 157-160 
with Br, 191, 192 

with Cl, 188 

with H, 177, 179, 180 
with Hg, 245, 247, 300 
with methyl, 199, 224 
with O, 249 

Ethanol, with methyl, 201 
Ethers, with methyl, 201, 225 
Ethyl, 196 

combination, 120, 121, 125, 126, 
207, 208 

decomposition, 303 
AHf°, 15 

disproportionation, 121, 207-209, 
232, 235, 236 

metathetical reactions, 207-210 
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Ethyl benzene, pyrolysis, 111 
Ethyl bromide, as inert gas, 87 
AHf°, 12 
pyrolysis, 129 
with Na, 219 

Ethyl chloride, as inert gas, 87 
AHf°, 12 

pyrolysis, 128, 129, 132 
with Cl, 188 
with Na, 216, 218, 220 
Ethyl cyanide, with methyl, 201 
Ethyl iodide, as inert gas, 87, 89 
AHf°, 12 

with hydrogen iodide, 259 
Ethyl nitrate, 240 
Ethyl nitrite, 101 
Ethylene, 133 
bromination, 291-293 
chlorination, 291-293 
didcutcro-, isomerization, 138,139 
energy transfer, 91 
iodination, 294 

with butadiene, 128, 131, 132, 137 
with hydrogen, 131, 132 
with H, 236, 284, 287 
with Hg, 245, 247 
with methyl, 200, 295, 296 
Ethylenes, chlorine substituted, bro¬ 
mination, 291-293 
chlorination, 291-293 
AHf°, 12 

Ethylene dichloride, with Na, 218, 

220 

Ethylene di-iodide, decomposition, 

294 

Ethylene iminc, with methyl, 201 
with /-butoxy, 306 
Ethylene oxide, 143 
with methyl, 201 
3-Ethylpentane, with methyl, 200 
Excited species, 242-255 
atoms, 243-248, 253-255 
molecules, 92, 248, 251 
radicals, 252-253, 255 
Expansion valve methods, 114 


Flash technique, 88, 260 
Flow techniques, 103, 122, 128-131, 
304 

advantages, 65, 102, 106 


Fluorescence, 244 
• Fluorine, as inert gas, 84 
with chlorine dioxide, 220 
with nitrogen dioxide, 220, 223 
Fluorine dioxide, decomposition, 69, 
73, 74, 84 

Fluorine monoxide, decomposition, 
80, 84 

Fluorocarbons, as inert gases, 84, 87 
Fluorotoluenes, 108 
Formaldehyde, photolysis, 180, 305 

with nitrogen dioxide, 212 

Formates, 129 
Formyl, AHf°, 15 
pyrolysis, 305, 306 
Four-centre reactions, 128-137, 
255-262 

Franck-Rabinowitch effect, 206 
Free energy, 9 

Free radicals, addition reactions, 

294-299 

combination, 115-126 
concentration, 115-116 
decomposition of, 299-307 
AHf°, 15 
‘hot’, 252-255 

in thermal decompositions, 141- 

153 

metathetical reactions, 195-212 
Free rotation, in activated com¬ 
plexes, 35, 36, 113, 133, 158, 
226,227 
in molecules, 19 
in radicals, 19 


Glyoxal, with nitrogen dioxide, 212 


Halides, organic, with Hg, 245 
with Na, 214-220 
tables, 218, 219 

Halogen atoms, addition to double 
bond, 287-294 
mechanism, 288-290 
rate equations, 288-290 
Halomethanes, pyrolysis, 112 
with methyl, 202 
Heat content, 9 
Heat of activation, 3Iff 
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Heat of formation, 10-11 
of atoms, 13-15 
table, 15 

of hydrocarbons, 11 
of organic compounds, 11 
table, 12 

of radicals, 11-15 

table, 15 

Heat of reaction and activation 
energy, 9-10, 136, 137, 228-232 
Helium, as inert gas, 79 
Heterogeneous effects, 110, 128, 152, 
153, 171, 240, 241, 265, 266, 294 
/i-Hexane, with H, 177, 178 

with methyl, 200 
with nitric oxide, 155 
1-Hexene, 133 

Hinshclwood-Lindemann theory, 

53-56, 59, 60, 61, 159 

and cyr/optopane, 67 
and ethane, 79 
and nitrogen pentoxide, 75 
HL theory, usage, 54 
‘Hot’ radicals, 203-205, 255 
Hydrazine, 111 

Hydrocarbons, as inert gases, 87, 90 
with excited sulphur dioxide, 218, 

249 

with oxygen, 249 

Hydrogen, as inert gas, 84, 87, 90, 
254,255 

ortho-para, 145, 169-174, 178, 
184, 185, 259, 285 
thermal conversion, 171-174 
with bromine, 189-191 
with Br, 189-191 

with chlorine, 181-186 

with Cl, 185-188 
with ethyl, 208, 209 
with ethylene, 131, 132 
with excited atoms, 234, 236, 245, 
247 

with H, 169-174, 178-180 
with hydrogen iodide, 259, 260 
with iodine, 255-262 
with methyl, 199, 227 
with nitric oxide, 267, 268 
with nitrogen dioxide, 220, 221 
Hydrogen atoms, active, 224, 225 
combination, 90 
AHf°, 15 
‘hot’, 253-255 


INDEX 

inversion reactions of, 238, 240 
metathetical reactions of, 169- 

181, 184, 185, 189-191, 226, 
231,232, 298 
tables, 174, 177, 179, 225 
primary, etc., 187, 188, 224, 225, 
246, 249 

to alkenes, 233, 234, 236, 283-287 
to unsaturated compounds, 297, 
298 

with hydrogen, 169-174 
with methane, 227 
Hydrogen bromide, with Br, 189— 
191 

with H, 190, 192 
with methyl, 205 
with 2-methylpropene, 132 
with radicals, 191-194 
with trichlorobromomethanc, 194 
Hydrogen chloride, with deuterium, 
260 

with ethylene, 132 
with H, 184 

with methyl, 132, 202, 204, 

205 

with 2-methylpropene, 132 
Hydrogen halides, with Na, 214 
with unsaturated compounds, 132, 
136, 137 

Hydrogen iodide, decomposition, 
255-259 

photolysis, 253, 254 
with alkyl iodides, 258, 259 
with hydrogen, 259, 260 
with H, 253-255 
with methyl, 205 

Hydrogen sulphide, photolysis, 178, 
179, 283, 284 
Hydroxymethyl, 303, 306 


Impact tube methods, 90, 114 
Induction periods, 147, 149, 150 
calculation of, 149, 150 
Inert gases, effect of, 73 
efficiency of, 82-90, 254, 255 
Inhibitors, 128-131, 144, 153-160, 
182, 211, 291 

Intermittent illumination, 116-121 
Inversion reactions, 237-242 
Iodides, organic, 106 


SUBJECT INDEX 


Iodinations of alkenes, 294 
Iodine, 234 
excited, 92 

with hydrogen, 255-262 
with methyl, 205 
with Na, 214 
Iodine atoms, 259 
combination, 85-90 
AHf°, 15 

in racemizations, 240, 241 
metathetical reactions, 194 
with sodium, 214 
Isomerizations, cis-trans , 137-140 
of Qr/opropane, 60, 61, 65-68, 69, 
84, 158 

of pinencs, 140-142 


k , A~, definition, 8 
x, definition, 29 
Kassel’s assumptions, 46 
Kassel’s theory, 46, 51,52, 56, 58, 61 
of ryc/opropane, 67 
of fluorine dioxide, 74 
of nitryl chloride, 81 

Ketones, AHf°, 12 
photolyses, 195, 210, 233, 250 
kcal and kcal mole - *, 7 


Life-period method, 216, 217 


Malonic ester, substituted, 130 
Mass-spectrometer pyrolysis system, 

104, 105, 120, 122, 123 
Mean bond energy, 13 
Menthyl benzoate, 130 
Menthyl chloride, 130 
Mercury atoms, excited, excitation, 
244 

lifetime, 244 
quenching, 244—248 
with cyclanes, 236 
with hydrogen, 234 
Mercury halides, with Na, 214 
Metallic alkyls, photolysis, 195, 233 
pyrolysis, 143 


Metathetical reactions, 168-232 
general properties, 223-232 
of atoms, 168-195 
of radicals, 195-212 

with hydrogen transfer, 168-232 
without hydrogen transfer, 212- 

223 

Methane, as inert gas, 84, 87, 90 
deuteration of, 176 
with Br, 191, 192 
with Cl, 186, 188 
with H, 176, 180, 227 
with Hg, 245 
with methyl, 199 
with 2-methylpropane, 132 

with O, 249 

Methanol, with methyl, 201 
Methoxymethyl, 303, 306 
Methyl, 161 

combination, 69, 78, 79, 119, 
120, 122, 125, 126, 197-204, 
250 

AHf°, 15 
‘hot’, 255 

inversion reactions, 238, 239 
metathetical reactions, 156, 196- 
207, 224-228, 230, 231 
tables, 199-202, 205, 206, 224 
in solution, 205-207 
to alkenes, 281, 295, 296 
to unsaturated compounds, 297, 

298 

with bromine, 191 
with nitric oxide, 121-123, 125, 
156 

with radicals, 121, 232 
Methylamine, with methyl, 201 
Methyl bromide, as inert gas, 90 
AHf°, 12 

pyrolysis, 69, 78, 112 
with Br, 191, 192 
with methyl, 202 
with Na, 216, 218 
2-Methylbutane, 157 

2- Methyl-2-butene, 287 

3- Methyl-1-butene, with methyl, 

200 

Methyl-/ 2 -butyl ketone, 251 
Methyl chloride, AHf°, 12 
with Cl, 188 
with methyl, 202 
with Na, 216, 218 
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Methyl chloroform, chain decom¬ 
position, 147, 150 
pyrolysis, 129 

Methyl cyanide, with methyl, 201 
with Na, 219 

Methyl Q’c/opentane, with Hg, 236 
Methylene, to carbon monoxide, 297 
Methylene bromide, pyrolysis, 112 
with methyl, 202 
with Na, 218 

Methylene chloride, with methyl, 202 
with Na, 218 

Methylene fluoride, with methyl, 

202 

with Na, 219 
Methylethyl ketone, 250 
Methyl fluoride, with methyl, 202 
with Na, 219 

Methyl halides, energy transfer, 91 
pyrolysis, 112 
Methyl iodide, AHf°, 12 

photolysis, 196, 197, 205, 255 
pyrolysis, 78 

with hydrogen iodide, 259 
with iodine, 241 
with Na, 218, 219 
Methyl nitrite, decomposition, 101 
with H, 240 

2-Methylpropane, with Br, 191-193, 
227 

with Cl, 188 
with H, 177, 179 
with Hg, 247, 300 
with methyl, 200, 224 
with nitric oxide, 157 
2-Methylpropene, as inhibitor, 144 
with H, 236, 287 
with hydrogen bromide, 132 
with hydrogen chloride, 132 
with methane, 132 

with methyl, 200 
/rartJ-Methylpropenyl ketone, 238 
Microscopic reversibility, 16, 126, 
263 

Mirror techniques, 102, 103 
Molecular association reactions, 

126-137 

Molecular elimination reactions, 97, 
126-137, 159 

Molecularity of reaction, 5 
Molybdenum oxide, 172, 285, 286 
Morse equation, 37, 135, 136, 228 


Naphthyl bromides, pyrolysis, 1 1 1 
with Na, 219 

Negative group effect, 21 7 
Nitrates, 102 
Nitric oxide, 101, 186 
as inhibitor, 144, 153-161 
dimer of, 269 

in thermal decompositions, 123, 
153-161 

with bromine, 267, 272 
with chloral, 212 
with chlorine, 220, 265-267, 269, 
271, 272 

with hydrogen, 267, 268 
with methyl, 122-123, 125, 126 

with nitryl chloride, 220, 222 

with oxygen, 263-265, 269-272 

with ozone, 220 
Nitrogen, as inert gas, 84, 87 
energy transfer, 91 
with Hg, 245, 247 
Nitrogen atoms, 195 
Nitrogen dioxide, metathetical 
reactions, 211 

pyrolysis, 263-265, 269-272 

with acetaldehyde, 212 

with acetylene, 299 

with alkanes, 212 

with carbon monoxide, 220, 221 

with fluorine, 220, 223 

with formaldehyde, 212 

with glyoxal, 212 

with hydrogen, 220, 221 

with nitrogen trioxide, 75-77, 268 
with ozone, 77, 220-222 
Nitrogen pentoxide, decomposition, 
2, 69, 74-78, 84 
Ogg’s mechanism, 75 
ozone decomposition catalysed by, 
77 

with nitric oxide, 76, 77 
Nitrogen tetroxide, decomposition, 

69, 79, 113-115, 125, 126 
Nitrogen trichloride, 182 
Nitrogen trioxide, 269 
with nitrogen dioxide, 75-77, 268 
with nitrosyl chloride, 220 
Nitroparaffins, 102 
Nitrosyl bromide, decomposition, 267 
Nitrosyl chloride, as inhibitor, 186, 
291 

decomposition, 265-267 
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Nitrosyl chloride— contd. 

with Cl, 40, 220, 223, 291 
with chloroformyl, 220, 223, 291 
with nitrogen trioxide, 220 
Nitrous oxide, decomposition, 69, 
71-73, 84 

energy transfer, 91 
Nitryl chloride, decomposition, 81 
with nitric oxide, 220, 222 
Non-steady state, 149, 158 
Notation, 3 


1-Octene, 206 
Octyl nitrite, 101 
Ogg mechanism, 75 
Order of reaction, definition, 4 
Organic halides, with Hg, 245 
with Na, 214-220 
tables, 218, 219 

Oscillators, effective, 55, 56, 59-64 
Oxygen, 182-185 
as inert gas, 84, 87 
as inhibitor, 182-185, 291 
with allylic radicals, 298 
with chloroformyl, 259, 260 
with hydrocarbons, 249 
with H, 298 
with methyl, 298 
with nitric oxide, 263-265, 269- 
272 

Oxygen atoms, 195, 249 
combination, 90 
AHf°, 15 
Ozone, 182 

decomposition, catalysed, 77 

with nitric oxide, 220 

with nitrogen dioxide, 220-222 


Partition functions, 27ff 
>?-Pentanc, as inert gas, 87 
with H, 177 
with methyl, 200 
with nitric oxide, 154, 155, 157- 
159 

T^oPentane, as inert gas, 87, 90 
pyrolysis, 129 
with Br, 191-194, 227 
with Cl, 188 


with H, 177 
with Hg, 247 

with methyl, 198, 199, 224 
with nitric oxide, 155, 157, 158 

1- Pentene, with methyl, 200 

2- Pentene, 287 
woPentyl, 194, 198 
Perfluoroethylene, 131 
Peroxides, pyrolysis, 99-100, 195 
Peroxy radicals, 230 

P factor, 24 
Phenylacetic acid, 111 
Phenyl bromide, AHf°, 12 
pyrolysis, 111 
with Na, 219 

Phosgene, formation, 290, 291, 293 
Photolysis of ketones, 195, 210, 233, 
250 

Photolysis, primary act, 249-255 
Photosensitization, 233, 285-287, 
298-300 

Picolincs, pyrolysis, 108 
Pinencs, isomerization, 140-142 
Polyatomic molecules, as inert gases, 

84, 87, 89 

Polymerization, 125, 282 
Potential energy, curves, 139, 228- 
232, 282 

surfaces, 27ff, 38ff, 135, 136 
Propane, with Cl, 187, 188 
with H, 175-177, 179 
with Hg, 245-247, 300 
with nitric oxide, 155, 157 
Propan-2-ol, with methyl, 201 
Propionaldehyde, AHf°, 12 
photolysis, 207-210, 236, 251 
with ethyl, 208-210 
Propionates, 129 
Propionyl, 210 
Propionyl peroxide, 207 
Propyl, 234 

combination, 121, 210 
decomposition, 281, 302-304 
AHf°, 15 

disproportionation, 232, 236 
inversion reactions, 239 
metathetical reactions, 210-211 
with methyl, 121, 210 
rc-Propyl benzene, 111 
rz-Propyl bromide, AHf°, 12 
pyrolysis, 129 
with Na, 304 


320 



SUBJECT INDEX 


uo-Propyl bromide, AHf°, 12 
pyrolysis, 129 

w-Propyl chloride, AHf°, 12 
pyrolysis, 129 
with Na, 218, 219 
wo-Propyl chloride, AHf°, 12 
pyrolysis, 129 
with Na, 218 

Propylene, as inhibitor, 144, 148, 
154, 156 
pyrolysis, 107 

with H, 179, 236, 284, 287 
with Hg, 245 

with methyl, 156, 200, 296 
rt-Propyl iodide, AHf°, 12 
with hydrogen iodide, 259 
Mo-Propyl iodide, AHf°, 12 
Propyl nitrite, 101 
Pyrolyses inhibited by nitric oxide, 

153-161 


Quantum yield, 250-252 
Quasi-unimolecular, usage, 64 
Quenching, cross-sections, 245 
efficiencies, 244-246 
mechanism, 246-248 


definition, 4 
Racemization, 140 
Radiation hypothesis, 53 
Radical combination reactions, 

115-126, 302 

Radical elimination reactions, 97- 
126 

Rare gases, and energy transfer, 84, 

87, 255 

Rate constant, definition, 4 
temperature dependence, 7 
units, 5 

Rate factor, definition, 6 
Rate of reaction, definition, 4 
Reactions, classification of, 5 
Reaction mechanisms, 2 
Rearrangements, 131, 133 
Resonance radiation, 244 
Rice-Herzfeld mechanisms, 145-153 
objections to, 152 
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Rice-Ramsperger theory, 56, 61 
and nitryl chloride, 81 
Rotating sector technique, 116-121, 

291 


Sackur-Tetrode equation, 17 
Shock technique, 113 
Slater’s theory, 46-64 
advantages, 52 

and transition state theory, 50 
assumptions, 46 
disadvantages, 52 
nitrogen pentoxide, 78 
nitrogen tetroxide, 79 
of cyclopropane, 47, 60, 67-69 
Sodium atoms, excited, quenching 
of, 245-247 

metathetical reactions, 212-220, 

226, 228-230 
calculations on, 228-230 
tables, 214, 218, 219, 225 
Solution, entropy of, 161 
heat of, 161 

reactions in, 160, 161, 197, 205, 
206, 226, 241, 282, 294, 298 
Square terms, 55 
Standard state, 11 
Static systems, 127 
advantages, 65 

Steady state, assumptions, 146 
equations, 146 
treatment, 145-148 
Steric factor, 24 

Stilbenes, isomerization, 138, 139 
Stop flow’ systems, 76, 77, 221-223 
Styrenes, isomerization, 138 
Sulphur, compounds, with Hg, 245 
dioxide, excited, 248, 249 
molecules, excited, 92 


Termolecular reactions, 262-272 
existence of, 262 

transition state theory of, 269-272 
Tetraethyl lead, 143 
2,2,3,3-Tetramethylbutane, w : th 
methyl, 200, 224 
Thallium atoms, excited, 246 
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Thermodynamics, relation to kine 

tics, 8 

Third bodies, see inert gases 
Tin halides, with Na, 214 
Toleune, as inert gas, 84, 87 

carrier technique, 102, 109, 128- 

131 

apparatus, 109 
pyrolysis, 107-109, 240 
with Br, 191-193 
with Cl, 186 
with H, 240, 287 

with methyl, 201, 206 
with triphenylmethyls, 226 
Transfer reactions, 168-272 
Transition state theory, 25-45, 174 
and collision theory, 29-31 
and energy transfer, 64 
and Slater’s theory, 50 
of addition reactions, 281-283 
of four-centre reactions, 134-137 
of termolecular reactions, 269-272 
of unimolecular reactions, 43-45 
thermodynamic formulation, 31- 

33 

Transmission coefficient, 29 
Triatomic halogen molecules, 290 
Trichlorobromomcthane, addition 
reactions, 125, 294 
pyrolysis, 112 
with Br, 194 

with hydrogen bromide, 194 
with Na, 218 
Trichloromethyl, 294 
Trifluorochloroethylcne, 131 
Trimethylamine, with methyl, 201 

2.3.3- Trimethyl-l-butene, 287 

2.3.4- Trimethylpentane, with 
methyl, 200, 224 

Trioxymethylene, pyrolysis, 69, 70, 
131 

Triphenylmethyls, with toluene, 226 
Tungstic oxide, 172, 286 


Ultrasonic methods, 90, 114 
Unimolecular reactions, energy 
transfer in, 53-90 
pyrolyses, 97-137, 299-307 
theory of, 45-53 
transition state theory of, 43-45 
Unsaturated compounds, isomeriza- 
tions of, 137-140 
with Hg, 248 

with hydrogen halides, 132, 136, 
137 

with peroxy radicals, 230 
with trichlorobromomethane, 125 


Vinyl acetate, with trichlorobromo¬ 
methane, 294 

Vinylallyl ether, rearrangement of, 

128-131, 132 

Vinyl chloride, bromination, 291 — 

293 

chlorination, 291-293 
with Na, 218, 220 
Vinyl cyc/ohexene, 131, 134 
AHf°, 12 
Vinyl ethers, 131 
Vinyl iodide, 241 


Wood-BonhoefTer apparatus, 170, 
171, 174-178, 297 
Wrede-Harteck gauge, 171, 175 


Xylenes, 108 


Zero-point energy, 174 
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